A study of the kinetics of the permanganate-oxalate reaction by Redmon, Bryan Collins
University of Massachusetts Amherst
ScholarWorks@UMass Amherst
Doctoral Dissertations 1896 - February 2014
1-1-1934
A study of the kinetics of the permanganate-oxalate
reaction
Bryan Collins Redmon
University of Massachusetts Amherst
Follow this and additional works at: https://scholarworks.umass.edu/dissertations_1
This Open Access Dissertation is brought to you for free and open access by ScholarWorks@UMass Amherst. It has been accepted for inclusion in
Doctoral Dissertations 1896 - February 2014 by an authorized administrator of ScholarWorks@UMass Amherst. For more information, please contact
scholarworks@library.umass.edu.
Recommended Citation
Redmon, Bryan Collins, "A study of the kinetics of the permanganate-oxalate reaction" (1934). Doctoral Dissertations 1896 - February
2014. 894.
https://scholarworks.umass.edu/dissertations_1/894
OF HIE KINETICS
HON
DATE DUE
UNIVERSITY OF MASSACHUSETTS
LIBRARY
Phys Sc I
LD
M267
1934 °CIENCE
R318
A STUDY OF THE KINETICS OF THE
PERMANGANATE-OXALATE HEACTIQN
Bryan Collins Redmon
Thesis submitted in partial fulfillment
of the requirements for the degree of
Doctor of Philosophy
MASSACHUSETTS STATE COLLEGE
April, 1934
TABLE OF CONTENTS
Page
Introduction 1* «« *« 1
Review and Discussion of Literature S
Method of Experimentation and Reagents 13
Presentation and Discussion of Experimental
Results) 21
Part li
The Effect of Various Salts on the Re-
action Velocity in the Absence of In-
itial Manganous Ion and in the Presence
of a Slight Excess of Oxalate Ion 22
Part 21
The Relation of the Concentration of
Oxalate Ion to the Reaction Velocity
and Salt Effects in the Absence of In-
itial Manganous Ion 40
Part 3i
The Relation of the Oxalate Ion Concen-
tration to the Reaction Velocity and
Salt Effects in the Presence of Initial
Manganous Ion 52
Part 4|
A Study of the Intermediate Manganlc-Oxa-
late Complex Ions 79
Part 5:
The Effect of Temperature 92
Discussion of Results 108
Summary and Conclusions 127
Bibliography 131
Acknowledgments 134
«c
c
do
1INTRODUCTION
The kinetics of the reaction between the permanganate
and oxalate ions in acid solution has long been of interest
to chemists in general. More recently the stoichiometric
reaction has become of particular interest to analytical
chemists, since the use of sodium oxalate as a primary
standard for permanganate solutions was proposed and studied
by SSrensen1 in 1897, studied by McBride2 in 1912, and fin-
ally adopted by the Bureau of Standards3 in 1913.
The mechanism of this reaction has been studied by
several investigators since the classical work of Harcourt
ana Esson4 in 1866. Although these studies have advanced
our knowledge of the reaction considerably, a comprehensive
explanation applicable to all the phases of the reaction
has not yet appeared. In general individual Investigations
have not been carried out over a wide range of reactant con-
centrations, with the result that the available data are con-
fined to restricted reaction conditions.
Recently the work of Bronsted 5 on the effects of neutral
salts on reaction velocity has furnished us with a very ef-
ficient method of elucidating the kinetics of reactions.
Briefly, the purpose of this thesis is to study the
mechanism of the complex reaction between the permanganate
and oxalate ions in sulphuric acid solution by an application
Iof the principles of the kinetic salt effect of Br3nsted
to reaction velocity measurements, carried out over a wide
range of concentration of the reactanta.
3REVIEW ANL DISCUSSION OF THE. LITERATURE
The stoichiometric equation for the reaction between
the permanganate and oxalate ions in acid solution may be
written:
2Mn0 4~ 5C a04
3
+ 16H+ > 2Mn++ + 10C0, + 8Ha0
Harcourt and Esson4 (1864-66) studied the reaction
and concluded from velocity measurements that it proceeded
in definite steps and was positively autocatalyzed by the
manganous ion. The mechanism proposed by them follows:
(1) 2Mn(0H) 7 + 5HaC a04 2Mn(0H) a 10C0 a + 10H a0 (very
(2) 3Mn(0H) a + 2Mn(0H) 7 * 5Mn(0H) 4 (very rapid)
(3) Mn(OH) 4 HaC 804 —*-Mn(0H) a 2C0a +2Ha0 (rapid but
Sehilow6 (1903) endeavored to show that the autocataly-
sis of Harcourt and Esson was due to a reaction between the
permanganate ion and a complex manganic-oxalate ion. The
mechanism suggested by him may be written:
(1) Mn(0H) 7 + 4Mn(0H) 8 5Mn(0H) 3 (if Mn
f+ is originally
present)
(2) Mn(0H) 7 2HaC a04 Itn(OH), + 4C0 a + 4Ha0 (very slow;
takes place if Ma** is not originally present)
(3) Mn(OH), + 2H8 C a04 Mn(OH) 2HaCa04 (instantaneous)
(4) Mn(0H) a .2RaC 80 4 + tfn(0H) 7 > 2Mn(0H) a + 4C0, + 4Ha0
(measurable) , or
(4a) Mn(0H) 3 .2HaC a04 Mn(0H) 7 * Mn(0H)e Mn(OH) 4 . 2HaCa04
slow)
slower than (2))
4(4b) Mn(0H) 4 .2K,C,0 4 + Un(0H) 6 * 2Mn(0R), 4C0, 4H,0
(rapid)
(5) 2Un(0H), H,C,04 > 2Mn(0H), 2C0, + 2B,0 (slow)
Ehrenfeld7 (1903) studied the Telocity of the reaction
in the absence of mineral acids, and found that the reaction
was unimolecular in the presence of manganous ion.
Sicrabal® (1904) investigated the velocity of the re-
action between oxalic acid in large excess, manganous ion
and the permanganate ion. He found the reaction to be uni-
molecular in the presence of excess manganous ion. He as-
cribed this phenomenon to the slow decomposition of a com-
plex manganic-oxalate ion into its constituent ions which
in turn react practically instantaneously. The complex ion
described by Skrabal imparts a brown color to its solution.
This color is changed to red when alkali oxalates, acetates
ana ammonium salts are added. Skrabal assigned the formula,
(Mn(0H) 3 .H,C,04 ) to the complex.
The mecir^uiism postulated by him is divided into three
periods. The equations are written by him as follows*
(6) the incubation periodi
(1) C,04H, + KMn04 > Mn*** • CO, (measurable)
(2) C,04H, Hn*"1"* lin(OH), CO, (practically in-
stantaneous)
(b) tne induction period*
(3) Mn(OH), KMn04 ^Mn++> (less rapidly)
(4) Mn+++ C 204 H, *-iln(0Ii), + CO, (practically in-
stantaneous)
(5) ltn+++ C,04H, (Mn(0H),.C,04H,) (instantaneous)
5(6) to*** >Un(OH) t Mn(OH) 4 (practically Instan-
taneous)
(c) the end period;
I (7) (Mn(0H)3.C,04 H,) +~ ]in+++ (measurable)
(8) C,04Ha + ata*** *-rJLn(0H) 8 2C0, (practically
instantaneous) *" '*'»
II (9) Mn(OH)n + Mn(OH) 4 *.Mn+++ (less rapidly)
(10) C t04 Hg ata"*"* *-2Mn(0H) t -» 2C0 t (practically
instantaneous)
According to Skrabal the speed of this series of re-
actions increases with the acidity, the speed of reaction (4)
is dependent on that of reaction (3), and the incubation peri-
od is eliminated entirely by the initial addition of manganous
ion which also reduces the possibility of the occurrence of
reaction (4) to a minimum. He finds the induction period is
very rapid and the end period follows meonanism I in high
concentrations of oxalic acid and low concentrations of acid.
In the opposite case he postulates the occurrence of reaction
(6) and an end period which follows mechanism II.
Using a different technique from that employed by pre-
vious investigators, Launer9 (1932) studied the kinetics of
the permanganate-oxalate reactions by means of reaction velo-
city measurements. His conclusions agree with those of Skra-
bal and Schilow In the respect that the reaction between ter-
valent manganese and the oxalate ion constitutes an important
step in the reaction. He also concluded that a complex ion
is formed between the manganic and oxalate ions which imparts
a cherry red color to the solution, and to which he has as-
6signed the formula Un(C 804 )J. On the basis of two experi-
ments he found the salt effect to he strongly posit iv*. It
should be kept in mind, however, that the ratio raols C a0^/
mols 14n*"M' was relatively high in all his experiments. The
mechanism for the reaction proposed by Launer follows:
(1) MnOJ + 4Mn++ 8H+ > 5to*"H' + 4Ha0 (rapid)
(2) Mn"H"f « SCgO* ^ZZZt Mn(C,04 )i (rapid, reversible)
(3) Mn+++ GgO* > Mn*+ + CO, COj (measurable)
(4) Mn+*+ CO*" Mn** CO, (rapid) .
This mechanism differs from that of Skrabal in that the
measurable reaction involves the reduction of the manganic
ion instead of the dissociation of the manganic-oxalate com-
plex ion, and in that the reactions involving tie reduction
of the manganic ion are of the second ratner than the third
order. The existence of the COi* ion is postuleted to ac-
count for the production of peroxide during the course of
the reaction in the presence of oxygen.
By means of reaction velocity measurements Fales and
Roller^ (1929) studied the oxidation of the chromic ion by
the permanganate ion in sulphuric acid solution. They con-
cluded that the reduction of permanganate ion by the chromic
ion was autocatalytic and comparable to the reduction of
permanganate by the oxalate ion. The> liave shown that the
mechanism of this oxidation-reduction reaction is one of
direct oxidation by the quadrivalent manganese ion and in-
direct action by the manganic ion. This conclusion was
7reached in view of the facts that the MnO~4 ion in acid
solution oxidizes t^.e Cr ion very slowly, that the Mn"*"M""f
ion oxidizes it rapidly, and that the oxidation by the Mn"*"1"4"
ion is indirect because it first undergoes an unimolecular
dissociation from & manganic-sulphuric acid complex formed
in the reaction mixture, and subsequently decomposes into
the reactive Sin*"*"*"*" ion and the manganous ion. They have
also shown that, since the Jin** ion reduces the MnM"M' ion
to manganic ion, the oxidation of tne Cr"M""*' ion is retarded
in proportion to the excess Hn4"*" ion present. They explain
the end retardation always observed in the reaction velocity x
by assuming that manganese is present at that time only as
the Ma*"*" ion and the complex manganic-sulphuric acid ion.
The chief difference between the case Just described
and that in which the oxalate ion acts as the reducing agent
is that in the experiments of Fales and Roller the complex
exists between the manganic ion and sulphuric acid, while in
the case of the oxalate reaction the situation is somewhat
complicated by the fact that the complex is formed between
the manganic ion and the reducing agent itself. Fales and
Roller suggest that "in particular the so-called induction
observed by Sicra'oal in the oxidation of oxalic acid can be
accounted for by the formation in the presence of slight
amounts of Mn*4" of the highly reactive MnH"H' by interaction
between MnO~4 and Mn'*~H, «
From a consideration of the preceding discussion of the
8literature on the permanganate-oxalate reaction, the fol-
ic, in
.
stiierit fact? concerning th« nechaaita of the re-
action may be regarded as well established*
(1) The reaction proceeds in definite steps and is
autocatalytic with respect to the manganous ion.
(2) The manganic ion is formed during the reaction and
enters into s. complex ion with the oxalate ion from which
it is subsequently dissociated. This complex ion apparently
imparts a cherry red color to the reaction solution when the
ratio mols C 104
at/mols Mn"M'+ is high and the acidity is com-
paratively low, and a brown color when the acidity is high.
The role of the manganic ion, although possibly indirect, is
important
.
(3) When the concentration of oxalate is high in compari-
son to that of the manganic ion, the acidity is low and suf-
ficient manganous ion is present, first order velocity con-
stants may be calculated for the reaction.
(4) If the manganous ion is initially absent, the re-
action may be separated intot
(a) A slow "incubation" period in which manganous
ion is formed. This period is eliminated if manganous ion is
added initially.
(b) A rapid "induction" period in which manganese
may exist with several different valences and, finally,
(c) A slow "end" period in which the manganic ion
is either directly or indirectly reduced.
I(5) In early investigations the possible importance
of the role of quadrivalent manganese in the reaction was
not stressed. Although Fale^ and Roller^ in their work
on the oxidation of chromic ion by permanganate suggest the
importance of quadrivalent manganese in the permanganate-
oxalate reaction, Launer^ in hi3 recent work did not con-
sider the possible formation of this ion.
The Bronsted Theory
Br8nsted 5 (1922) has derived a comprehensive explana-
tion of the kinetic salt effect which has been completely
verified by many investigators. He has shown two general
types of salt effects! (l) primary, and (2) secondary ef-
fects.
The primary salt effect concerns the effects of the
addition of neutral salts on the velocity of primary or kinet-
ic reactions. These reactions constitute the fundamental
chemical changes which are taking place. In the case of pri-
mary salt effects it has been shown in general tnat»
(1) Reactions between ions of like sign are accelerated
positively by the addition of neutral salts.
(2) Reactions between ions of opposite sign are acceler-
ated negatively by the addition of neutral salts.
The secondary salt effect occurs when the addition of
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neutral salts disturbs the equilibrium between the ions and
unionized part of weak electrolytes in solution, so as to
affect the concentrations of those substances which are in-
volved in the primary kinetic reaction. Since the effect
of added salts on weak electrolytes in solution is usually
to increase their dissociation, the secondary salt effect
is usually positive. In some cases when the products of
such a dissociation are either electrically neutral or have
charges of like sign to the dissociating substance, the salt
effect may be nil, and in other cases the salt effect may be
negative.
The degree of any type of salt effect is dependent on
the ionic strength of the added salt.
The effect of the addition of salts to a reaction mix-
ture is to decrease the activity, a, of all the reacting ions.
The degree of this decrease in activity is directly dependent
on the magnitude of the charge on the reacting ion. Thus the
activity of a tervalent ion would be reduced more than that
of a univalent ion.
Let us consider the general reaction,
a + b * +— w
+ D
as a reaction of the second order, in which x is described by
Br8nsted as the "collision" or "critical" complex and has a
charge, the magnitude of which is the algebraic sum of those
of A and B. In order to relate the velocity of the reaction
with the concentrations of the reactants and the activities
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of the components of the reaction system, BrSnsted has ad-
vanced the following equation,
fA fB
x
where f is the activity coefficient, v the velocity, k0 a
constant and C the concentration. In this equation we have
the classical expression for reaction velocity
V * k CA Cb,
modified by the modern concept of the activity coefficient,
f, which may be defined as the ratio between the effective
concentration as measured by the classical mass action law
and the true concentration. The activity coefficient may be
written therefore as follows!
&
f » C
where §, is the activity and £ the concentration. This con-
cept of the activity coefficient must be taken into considera-
tion to account for apparent deviations from the classical
mass action laws. These deviations are due in part to inter-
ionic attractions between the reacting ions themselves and
uetv/een these ions and extraneous ions.
Jp to the present time there has been comparatively little
work on salt effects in complex reactions. Bobtelsky and Kap-
lan13, have studied the effect on the permanganate-oxalate re-
action velocity of the addition of various salts, not from the
standpoint of salt effects but rather from t'.e standpoint of
devising a method for the quantitative estimation of various
anions and cations. Their method consisted of the observa-
tion of the time necessary for the complete decoloriaation
of the reaction mixture* Their measurements are consequently
Inexact. Some of their results could not be confirmed by
more accurate meens in this work.
Launer^, In two experiments in which the ratio of the
concentration of the oxalate ion to that of the manganic ion
was very high, the acidity low. and the manganous ion initi-
ally present in large excess, found the salt effect to be
strongly positive. He used ammonium sulphate as the salt.
Suzuki and Hamadal^ investigated the effect of the fer-
ric ion on the permanganate-oxalate reaction and found the
velocity to be increased. This is explained by them to be
due to the formation of a ferric-oxalate complex which is
supposed by them to accelerate the velocity of the reaction
by absorbing infra-red light.
liETHOD OF EXPERIMENTATION AND REAGENTS
In this work the velocity of the permanganate-oxalate
reaction was followed by an iodoinetric method which has
been employed by numerous investigators4 * 6 *?*®. This method
consists of the titration of the iodine liberated from ex-
cess potassium iodide solution by the reducible manganese
contained in aliquots drawn from the reaction mixture at
suitable time intervals. The iodine thus liberated was
titrated with a standard sodium tliiosulphate solution using
starch as an indicator.
Although the valence of the manganese in the reaction
mixture varies considerably during the course of the re-
action, the oxidising power of a unit volume of a reaction
mixture at any definite time remains equivalent to what the
oxidizing value would have been for the Mn0~4 l°n t* the unit
volume had it continued to exist, regardless of the actual
valence of the manganese present. This is true because the
reaction is autocatalytlc with respect to the Mn"*"*" ion.
These relations aay be seen from the following equations!
(1) Mn+7 > Mn+£ - 5e
(2) Mn+7 + 4Mn+2 5Mn+2
5Mn+3 ^ ruin*8 - 5e
(3) Mn+7 + 1 l/2Mn+2 9- £ l/2Mn+4
2 l/H&ln*4 > 2 l/2Mn>2 - 5e
in which 5 electrons are gained per septavalent manganese
ion regardless of the state of oxidation of the reducible
manganese involved.
If we assume the reducible manganese present in the
reaction mixture to be in the form of the manganic ion, t ^
reactions involved in the velocity measurement method may
be written!
21- 8MnH+ > I, + EMn"*"*"
I, 2S a0,^ > S406
=
•
21"
The permanganate solution to be used in the reaction
was placed in a clean, dry 1£5 cc. Erlenmeyer flask and the
remaining solutions to be usee, inducing oxalate, acid, man-
ganous sulphate (if required), salt solutions (if required),
and distilled water, were placed together in a second flask.
These solutions were brought to a constant temperature in
the thermostat and then mixed by first pouring them together
and then pouring the resulting mixture back and forth from
one flask to the other as rapidly as possible. A stopwatch
was started simultaneously with the first mixing of the
solutions. The reaction mixture, now contained in one
flask, was immediately replaced in the thermostat and ali-
quots taken at the required time intervals by means of a
special pipette designed to deliver very rapidly.
Each aliquot, was run immediately into 5 cc. of 10% KI
solution contained in a 125 cc. Erlenmeyer flask, and the
liberated ioaine was titrated at once with a standard sodium
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thiosulphate solution. Starch was used as an indicator.
The number of cubic centimeters of thiosulphate neces-
sary to react with the iodine liberated by the aliquot at
zero time Is called "a" and is equal, in the tables which
follow, to the value of rt (a - x) n at zero time. The "a"
value was determined for each separate experiment. This was
done by titrating with the thiosulphate solution to be used,
the iodine liberated from excess KI solution by the action
of an aliquot drawn with the same pipette used for all samples
from a "blank" solution. The "blank" solution was identical
In every way with the solution to be investigated except
that no oxalate was added to it. Hence no reaction took
place and the thiosulphate titration was equivalent to the
concentration of the MnOj ion present in the aliquot at zero
time*
The number of cubic centimeters of thiosulphate necessary
to titrate the iodine liberated by the aliquot ut tlme^t", is
called "(a - x)", and is proportional to the oxidizing value
of the reaction solution at time "t".
The "(a - x)" value subtracted from the "a* value gives
us the "x" value which is proportional to the loss in oxidizing
value of the reaction solution at time "t".
Thr total volume of the reaction solution was kept at 50 cc.
in all experiments except in the case of ti>e temperature coef-
ficient experiments of Part 5, in which the total volume was
100 cc.
All the velocity experiments were run at a temperature
of 25t.05°C. except those in Part 5, in which the effect of
the variation of temperature was studied.
All experiments were run in the presence of excess oxa-
late ion.
The pipette employed for delivering the aliquot s was
made by cutting off the end of an ordinary 5 cc. Mohr pipette
so that a very rapid delivery of the sample was insured. The
total time necessary for the complete delivery of the sample
was not more than three seconds.
The pipette was calibrated by weighing the amount of
distilled water required to fill it to the zero mark. The
calibration follows!
For the purpose of this work the volume of the aliquot
delivered by the pipette is 4.59 cc.
In all experiments involving salt effects, the salts
were added as tne sulphates. The salts used were chosen so
as to avoid difficulties ari-in : from tne oxidttion or re-
Trial -No.
Gns. Distilled
Water Delivered
1
2
8
4
6
6
7
3
4.5528
4.5412
4.5489
4.5328
4.7000
4.6726
4.5490
4.6108
Average 4.59 gat*
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auction of the ions of the added salt or from other undesir-
able factors.
Sulphuric acid was used throughout ana the manganous
ion %as added as the sulphate.
In the experiments of Parts 1 and 5 oxalate ion was
added as sodium oxalate. In the remainder of the velocity
experiments, since more concentrated oxalate solutions were
desired, potassium oxalate was used because of its greater
solubility.
All the reagents used throughout were of CP. quality.
The permanganate solutions were prepared by dissolving
the required amount of CP. potassium permanganate in a def-
inite volume of distilled water, and boiling the solution for
about 30 minutes. The solution was then covered, allowed to
cool and set aside for 4 or 5 day a. At the end of this time
the solution wts filtered through asbestos, wnich had been
previously treated with strong cleaning solution and washed
with tap and distilled water, into a brown glass bottle which
had been similarly treated. The solution was kept in a dark
closet when not in use. Solutions made in this way were
found to maintain their oxidizing value very well. One solu-
tion, made in this way, changed only 2 parts per thousand in
oxidizing value in the course of six months.
The permanganate solutions were standardized against a
weighed sample of Bureau of Standards sodium oxalate.
The oxalate solutions were standardized against the
standard permanganate solutions except in one case in which
the solution was made up from Bureau of Standards sodium
oxalate which was weighed out directly, dissolved and m&de
up to the correct volume.
The sulphuric acid solutions were standardized against
standard sodium hydroxide and weighed samples of pure, dry
sodium carboiiate*
The salt solutions were prepared by carefully weighing
out the desired amount of CP. salt and dissolving it in the
required amount of water. As an additional check these
solutions were analysed for sulphate, using barium chloride
as the precipitating agent as outlined by Fales^. Aluminum
sulphate solutions vere analysed by precipitating the alumi-
num as the hydroxide with ammonium hydroxide and igniting to
the oxide*
The sodium thiosulphate solutions were made by diluting
aiilN stock solution which was standardised against iodine.
The water used in these dilutions had been previously boiled.
A "control" experiment was run for each variation in
the concentration of any reactant. The control reaction
mixture contained all the components except the one whose
effect was to be investigated. Hence by comparison with the.
control results the difference in trend due to the addition
of the salt could be easily noted. Nearly all the experi-
ments ware checked* and the results were found to be easily
reproducible.
Recently Launer^ nas devised a new method for the study
of the reaction velocity in pennanganate-oxalate systems by
means of measuring the partial pressure of the carbon diox-
ide produced during the reaction. An apparatus of the type
described by him was constructed by us. The results obtained
using this apparatus were comparable in trend to those ob-
tained by the iodometric method. The results obtained using
the Launer apparatus are likely to deviate due to the physi-
cal limitations of the apparatus, and to the fact that in
salt effect experiments the solubility of the carbon dioxide
in the liquid phase varies with the concentration of added
salts as much as 15 per cent under certain conditions.
According to Launer^4 the *(a - x)" values obtained
with tne iodometric method may be consistently high due to
the formation of peroxide in the solution during the reaction
in the presence of oxygen. The peroxide may reoxldlze tho
Lm++ ion, formed as a normal end product, to the Mn+4,+ ion,
and thus cause a lag in the time necessary for the disap-
pearance of all the reducible manganese from the reaction
mixture. This objection has been overcome, however, by run-
ning a control for each "salt" experiment. The error is con-
stant and the trends observed are perfectly valid as salt
effects.
The Launer method was abandoned in favor of the iodo-
metric method.
One other objection may be advanced against the iodo-
metric method. The reaction!
2Mn+++ + 21- » Otn++ I,
is thought to be reversible^-5 , so that in the presence of
oxalate ion the reaction may not be altogether stopped when
the aliquot is run into iodide solution. In these experi-
ments a very large excess of iodide ion was used which, in
view of the exceedingly low concentrations of the other re-
actants, was thought to be sufficient at tne temperature of
the solution to drive tne reaction entirely to completion to
the right*
21
PRESENTATION AND DISCUSSION OF EXPERIMENTAL RESULTS
The experimental results of this investigation are
divided into five parts. Part 1 consists of a study of
the effect of various salts on the permanganate-oxalate re-
action velocity when the concentration of the oxalate ion
as kept in excess, hut at a single relatively low concentra-
tion, and the manganous ion was not initially added. Part 2
comprises a study of the effect of the variation of the CgOj
ion concentration when the manganous ion is initially absent.
Part 3 consists of a study of the effect of various salts on
the reaction velocity when the oxslate ion concentration was
varied over a wide range in the presence of Initial excess
MBiganoua ion. Ptrt A it. concerned > it • • en investigation of
the nature of the intermediate complex manganic-oxalate ions.
In Part 5 the results of a study of the effect of temperature
on the reaction rate are presented and the temperature coef-
ficients are calculated. The results will be given and briefly
discussed in th€ order Just mentioned.
Part 1
The Effect of Various Salts on the Reaction Velocity
in the Absence of Initial Menganous Ion and in the
Presence of a Slight Excess of OxaLate Ion
In these experiments the only variation in the composi-
tion of the reaction mixture consisted of the addition of
the salt under investigation to a control reaction mixture,
the components of which remained constant in concentration
throughout all the experiments of this part.
The results of the velocity measurements made In this
part are given in Tables 1 through 11. The composition of
each reaction mixture on which velocity measurements were
made is given below the table containing the results of the
velocity measurements.
The thiosulphate solution used to titrate the samples
in this part was 0.005M.
The data on the control experiments are given in Table
1. The velocity of the reaction was determined five times
uncier identical conditions, and the results of thece check
experiments are given under columns headed C 1, C 2, C Z,
C 4, and C 5, respectively. The time is given in seconds.
The average x value for these identical experiments is
plotted in Figure 1 against time in seconds and the carve
marked "Control".
The effects of the salts investigated were studied by
the substitution of the desired volume of the salt solution
TABLE 1
Control Lxperiments for Velocity Measurements in Low
Oxalate Concentrations and in the Absence of Manganous Ion.
t ( a - x) z Average
XSec. C 1 c s C 3 C 4 C 5 C 1 C 2 C 3 C 4 C 5
0 11.15 11.15 10.96 10.98 11.04 0 0 0 0 0 0
180 11.05 10.87 10.95 10.95 11.03 .1 .28 .01 .03 .01 .09
360 10.60 10.35 10.45 10.57 10.60 .55 .80 .51 .41 .44 .54
450 9.93 - - — 1.22 - - - 1.22
540 9.30 9.15 9.20 9.30 9.32 1.85 2.00 1.76 1.68 1.72 1.80
600 8.50 8.55 8.58 8.65 2.65 2.60 2.38 2.39 2.50
660 7.70 7.68 7.62 7.65 7.90 3.45 3.47 3.34 3.33 3.14 3.35
720 6.55 6.62 6.50 6.60 4.60 4.53 4.46 4.38 4.49
780 5.05 5.00 4.90 4.80 5.48 6.10 6.15 6.06 6.18 5.56 6.01
810 3.72 3.40 7.43 7.56 7.50
840 1.42 1.63 1.25 1.40 9.73 9.52 9.71 9.58 9.64
855 0.90 0.75 10.25 10.23 10.24
870 0.45 10.59 10.59
Reaction mixture I 10 cc. 0.05M NaaC»04
5 cc. 1.9302M H,0+
10 cc. 0.01205M KllnO*
25 cc. distilled water.
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for a corresponding volume of distilled water in the control
reaction mixture. In this way the effects of sodium, mag-
nesium, aluminum ana manganous sulphates were studied in
single concentrations and the effects of potassium, cadmium
and sine sulphates in varying concentrations.
In each of the following experiments, the average x
values are plotted against time in seconds ana all the re-
sulting curves are given in Figure 1, so that the velocity
of the reaction in the presence of salt may easily be com-
pared with the velocity of the control reaction.
The changes in the color of the reaction mixture in this
part were generally gradual changes from the permanganate
purple, through red and brown, to colorless*
The results for sodium sulphate are given in Table 2.
The solution contained 25 cc. of a sodium sulphate solution
which was 0.501 molar With respect to the sodium ion instead
of the 25 cc. of distilled water in the control reaction mix-
ture. Two check experiments were run and these are designated
as Na 1 and N& 2.
It is obvious* from an inspection of the results and a
comparison of the curve with that of the control that the re-
action velocity is retarded by the addition of sodium sulphate
and the salt effect is negative.
Similar experiments were carried out with potassium sul-
phate. Two concentrations of this salt were investigated.
The data are given in Tables 3 and 4.
TABLE £
The Velocity of the Reaction in the
Presence of Aaded Sodium Ion.
t (a - x) z Average
^in. bee* Na 1 Na 2 Na 1 Ha 2 X
0 0 11.04 11.04 0 0 0
4 240 10.95 10.90 .09 .14 12
8 480 10*42 10.50 .62 .54 .58
12 720 9.30 9.28 1.74 1.76 1.75
14 840 8.58 8.35 2.66 2.69 2.68
15 900 7.80 7.74 5.24 5.50 8.27
16 960 7.10 7.08 8.94 8.96 8.95
17 1020 6.25 6.42 4.79 4.62 4.71
18 1080 5.12 5.00 5.92 6.04 5.98
19 1140 2.7Z 2.70 8.51 8.54 8.55
20 1200 0.70 0.60 10.54 10.44 10.39
Reaction mixture: 10 cc. 0.05M NaC a04
5 cc. 1.9302M H,0*
10 cc. 0.0120511 £Un04
25 cc. 0.501M Na*
TABLE 3
The Velocity of the Reaction in the Presence of
Added Potassium Ion.
0 0 11.04 0
4 240 10.95 .09
8 480 10.52 .52
IE 720 9.50 1.54
14 840 8.70 2.34
16 960 7.58 3.46
17 1020 6.90 4.14
18 1080 6.15 4.91
19 1140 4.85 6.19
20 1200 2,57 8.47
20.5 1230 1.17 9.87
Reaction mixture
t
10 cc. 0.05M NaaC*04
5 cc. 1.9S02M H,0+
10 cc. 0.01205M KMn0 4
25 cc. 0.445M K+
:7
TABLE 4
The Velocity of the Reaction In the Presence of
Added Potassium Ion.
t (a - x) X Average
XMln. Sec. K 1 K £ K 1 K £
0 0 10.98 10.98 0 0 0
2 120 11.00 — - — 0
4 £40 10.95 10.95 .03 .03 .03
6 360 10.90 — .08 - .08
8 480 10.50 10.68 .48 .30 .39
10 600 10.30 .68 — .68
IS 720 9.85 10.30? 1.13 .68?
c
.91?
15 900 9.15 — 1.83 — 1.83
16 960 - 8.70 - £•28 2.28
18 1030 8.10 - 2.88 2.88
20 1200 7.12 8.86 3.86
21 1260 6.50 6.70 4.48 4.28 4.38
22 1320 5.93 5.05 5.05
23 1380 4.75 6.23 6. £3
24 1440 3.00 £.90 7.98 8.08 8.03
25 1500 0.95 10.03 10.03
herry red
appears.
Reaction mixture* 10 cc. 0.05M »a aC 804
5 cc. 1.9302M H,0+
10 cc. 0.01205M KMn04
25 cc. 0.889M K+
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In Table S are given the results of an experiment in
which 25 cc. of 0.2225 molar potassium sulphate, which was
0,445 molar with respect to the potassium ion, were substi-
tuted. It is shown that potassium sulphate exerts a marked
negative salt effect on the reaction velocity. This salt
effect is greater than in the case of the sodium sulphate
even though the concentration of the potassium sulphate in
the reaction mixture was somewhat lower than that of the
sodium sulphate. This result points to a specificity in
the action of different ions on the reaction velocity even
though they be closely related chemically.
In the second experiment on potassium sulphate, twice
as much salt was added as in the preceding experiment. The
data and results are given in Table 4. Two check, experiments
were performed, and are designated as K 1 and K 2. A very
decided negative salt effect is observed, the time for the
completion of the reaction being increased almost 80 per cent.
It is evident from the two experiments involving different
concentrations of potassium sulphate that the magnitude of
the negative salt effect is dependent on the concentration
of t e added salt.
In the same way experiments were tried in which the
safct was magnesium sulphate, and 25 cc. of a 0.516 molar
solution were substituted. The results are given in Table 5.
The check experiments are designated as Mg 1 and Mg 2. It
may oe seen by a comparison of the curves in Figure 1 that
TJLSL£ 5
The Velocity of the Reaction in the Presence of
0.258 Molar Magnesium Ion.
t (a - x) X ja v oi Ctgc
XMin. Sec. Mg 1 Mg 8 Mg 1 Mg 2
0 0 10.96 10.96 0 0 0
3 180 10.80 10.95 .16 .01 .09
6 v>0 10. 3o 10. 52 .61 A A.44 .53
9 C A f\540 9.57 ft rf r\9 .70 1. 39 1.26 1.33
10 600 9. 18 1. 78 X. fo
IX 660 o. ro 2.21 2.26
12 720 8.05 8.28 2.91 2.68 © on
13 780 7.40 7.45 3.56 5.51 3.54
14 840 6.50 4.46 4.46
14*25 855 6.00 4.96 4.96
15 900 4.95 5.05 6.01 5.91 5.96
16 960 2.60 8.36 8.36
16.25 975 1.40 9.56 9.56
16.5 990 1.10 9.86 9.86
Reaction mixture:
10 cc. 0.05M NaaC B0 4
5 cc. 1.9302M Ha0+
10 cc. 0.01205M KMn04
25 cc. 0.516M Mg++
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the effect of the addition of magnesium sulphate is to re-
tard the velocity of the reaction but not nearly to such
an extent as in the ease of sodium and potassium sulphates
in approximately equal concentrations.
Velocity experiments similar to those already described
for sodium, potassium and magnesium sulphates v.ere carried
out with solutions of cadmium, zinc and aluminum sulphates.
Two concentrations of cadmium sulphate were investi-
gated. The data are given in Tables 6 and 7.
The results of an experiment in which 25 cc. of 0.518
molar cadmium sulphate were substituted are given in Table 6.
It was concluded that the reaction velocity is increased by
the addition of cadmium ion.
In the second experiment involving the cadmium ion,
15 cc. of the above solution were used. The results are given
in Table 7. The velocity of the reaction is still Increased
but less so than in the case of the more concentrated solution.
Zinc sulphate was also investigated in two concentrations.
The data are given In Tables 3 and 9.
A 0.S5 molar solution was employed. It should be noticed
that this concentration is one-half that usually employed with
the other salt solutions. When 25 cc. of this solution were
substituted in the reaction mixture, the effect on the re-
action velocity was strongly positive. Tne total time neces-
sary for the reaction was decreased nearly 50 per cent. The
data are given in Table 8.

TABLE 6
The Velocity of the Reaction in the Presence of
0.859 Molar Cadmium Ion.
t
(a - x) X
0 0 10.96 0
2 ISO 10.90 .06
4 £40 10.70 .26
5 300 10.30 .66
6 860 a • OV 1 11
7 4£0 9,£5 1.71
8 480 8.45 £.51
9 540 7.70 8.26
10 600 6.10 4.86
10,5 620 4.85 6.11
11.5 690 0.95 10.01
Reaction mixture:
10 cc. 0.05M Na aCs0«
5 cc. 1.930EM H,0+
10 cc. 0.01205M KMn04
25 cc. 0.518M 0(1++
TABLE 7
The Velocity of the Reaction in the Presence of
0.1554 Molar Cadmium Ion
t
0 0 10.96 0
1 180 10.90 .06
4 240 10.62 .34
6 360 10.05 .91
7 420 9.63 1.33
8 480 9.05 1.91
9 540 8.65 2.31
10 600 7.60 3.36
11 660 6.28 --.08
11.5 690 5.62 5.34
12.75 765 1.45 9.51
Reaction mixture!
10 cc. 0.05M NaaCt04
5 cc. 1.9302& 11,0+
10 cc. 0.01205M KMn04
15 cc. 0.5l8ii Cd++
10 cc. distilled water.
TABLE 8
The Velocity of the Reaction in the Presence of
0.125 Molar Zinc Ion
t
(a - x)
Min. Sec.
0 0 11.15 0
1 60 11.05 .1
2 120 10.90 .25
3 180 10.70 .45
4 240 10.22 .93
5 300 9.70 1.45
6 360 8.48 £.69
6*5 390 7.34 3.81
7 420 5.45 8.72
7.5 450 1.75 9.40
a 480 0.30 10.85
Reaction mixture!
10 cc. 0.05M NatCt04
5 cc. 1.9308M H.0+
10 cc. 0.01S05M KMn0«
25 cc. 0.&5M Zn++
In the second experiment with zinc sulphate, 10 cc.
of the 0,T:5 aol; r solution were substituted for 10 cc. of
distilled water In the control reaction mixture. The re-
sults of the Telocity measurements are noted in Table 9.
The salt effect is markedly positive. Its magnitude, though
somewhat greater, is comparable to the magnitude of the ef-
fect of the cadmium sulphate in the highest concentration
employed, although the concentration of the zinc ion present
is only approximately one-tenth that of the cadmium ion.
In the experiment with aluminum sulphate 25 cc. of a
0.25 molar solution of this salt were employed. The data
are given in Table 10. The velocity of the reaction increases
to a very great extent In the presence of the aluminum ion.
The reaction apparently proceeded as usual until, at 3.5
minutes, a heavy precipitate of hydrated Mn0 8 suddenly formed
In the reaction mixture. After this point the slope of the
curve for aluminum sulphate in Figure 1 changes (dotted line)
and the results are no longer comparable to those for the
control and other salts because the reaction has become
heterogeneous. The points up to 3»5 minutes (solid line)
are strictly comparable, however, anu a comparison of equiv-
alent x values in the control and aluminum sulphate curves
Indicates that the rate of reaction has increased about 125
per cent.
In agreement with the observation of other investiga-
tors, 4 ' 8 manganous ion was observed to increase the velocity
TABLE 9
The Velocity of the Reaction in the Presence of
0.05 MoUr Zinc Ion
1
I (a - x) X
Kin. Sec.
0 0 11.15 0
2 120 10.95 .20
4 240 10.50 .65
5 300 10.55 .82
6 M 9.87 1.28
7 420 9*55 1.80
8 480 8.65 £.50
9 540 7.50 3*65
10 600 5.42 5.75
10.5 650 3.56 7.59
11.0 660 1.10 10.05
Reaction mixture*
10 cc. 0.05M Ia a Cs04
5 cc. 1.9302M H,0*
10 cc. 0.01205M On04
15 cc. distilled water
10 cc. 0.25M Zn++
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TABLE 10
The Velocity of the Reaction In t^e Presence of
0.25 Molar Aluminum Ion
t
Min. Sec*
(a - x) X
0 0 10.96 0
.67 40 10.85 .11
1 60 10.65 .31
onyu .71
2 120 9.10 1.88
£.5 150 7.90 3.06
3 180 6.80 4.16
3.5 210 6.05 4.91 -PP'
4 £40 5.35 5.61 «
5 300 4.10 6.86 it
7 420 3.00 7.96 it
• Hn0 a
Reaction mixture:
10 cc. 0.0514 NaaC»0 4
5 cc. 1.9302M Hj.0+
10 cc. 0.01205M KMn04
£5 cc. 0.5M A1+++
of the reaction tremendously. However, In two rather crude
experiments in which the total time for decolori«at ion was
noted, it was observed that 25 cc. of 0.497 molar manganous
sulphate caused the reaction to proceed more slowly (1.5
minutes) than 10 cc. of the same solution (1.0 minute).
In the more accurate velocity experiment 25 cc. of 0.497
molr.r manganous sulphate were used. The data are given in
Table 11. It is quite evident that the type of velocity
curve has been altered and that the velocity of the reaction
in which manganous ion is initially added must be studied
individually. This experiment cannot be compared with the
other experiments of this part because the manganous ion it-
self takes an active part in the oxidation-reduction process.
In this part of the experimental results evidence is
given to show thst the salt effect of sodium and potassium
sulphate on the permanganate-oxalate reaction velocity is
negative. This is to be expected on the basis of the Br8n-
sted theory if the oxidation-reduction reaction is actually
between the manganic and oxalate ions as has been postulated
by several investigators. The experiments on sodium and
potassium ions indicate a specificity of effect for different
ions*
It has been shown that the effect of magnesium sulphate
on the reaction velocity is negative, but not nearly to the
extent whifih would be expected from the effects of sodium and
potassium sulphate in practically equivalent concentrations.
TA3LE 11
The Velocity of the Reaction in the Presence of
0.F485 Molar Manganous Ion
t
Sec. (a - x) x
0 10.98 0
14 2.20 8.78
25 1.40 9.58
55 1.05 9.95
47 .85 10.15
59 .75 10.25
74 .75 10.25
86 .70 10.28
Reaction mixturel
10 cc. 0.051i Ha aC a0 4
5 cc. 1.9502M '.^O*
10 cc. 0.01205M KMn0 4
25 cc. 0.49711 Mn**
This result Is apparently contrary to the predictions of
the BrBnsted tneory for salt effects In simple reactions,
since the salt effect of a bivalent ion on a given reaction
snould be of greater magnitude than that of a univalent ion,
provided they are present in equal concentrations. If the
actual oxidation-reduction reaction in permenganate-oxalate
systems is between the manganic and the oxalate ions, the
negative salt effects thus far observed for sodium end
potassium sulphates are completely in accord with the. BrBn-
sted equation for reaction velocity since the reaction is
between ions of unlike sign. The effect of the magnesium
ion must, therefore, be explained by some other means.
When solutions of the sulphates of aluminum, zinc and
cadmium were added to the reaction mixture, t; e velocity of
the reaction was increased. This effect was very marked in
the case of aluminum, less so for zinc, and least of all for
cadmium. This positive effect is not in accordance with the
Brftnsted theory for salt effects if we assume that the effect
of sodium end potassium sulphate is the true salt effect.
It becomes apparent that the effects of aluminum, zinc and
cadmium sulphate involve more complex factors than must oe
considered in the ease of sodium and potassium sulphates.
It is suggested that the peculiar effect of magnesium
sulphate may be linked in some way with the more complex
effects of the aluminum, cadmium and zinc salts. This matter
Yifill be considered at greater lengt;. later.
4J
It has been shown that the degree of the effect of the
salts is dependent on the concentration of the added salt
with the possible exception of as&nganous sulphate.
Part g
The Relation of the Concentration of Oxalate Ion
to the Reaction Velocity and Salt Effect in the
Absence of Initial Manganous Ion
The reaction mixture used in these experiments was simi-
lar in composition to that used in Part 1, with the exception
that the oxalate ion concentration was varied.
In the first experiment an 0.9511 potassium oxalate solu-
tion was used instead of the 0.05M sodium oxalate of Part 1.
A salt effect experiment was carried out using 25 cc. of a
0.7511 sodium sulphate solution.
The results and data for the control experiment are
found in Table IS and the curve shoving the x values as
functions of time is plotted in Figure £A. The curve shows
the incubation and induction periods of Skrabal8 to point P
where it suddenly levels off and becomes linear. At the
point P it is supposed that ell tie reducible manganese re-
maining hr.s been converted into the form of the complex man-
ganic-oxalate ion. The color of the solution suddenly changes
from purplr to cherry red at this point. The linear part of
the curve is presumed to represent tie unimolf-cular reaction
TABLE 12
Control Experiment on Reaction Velocity in High Oxalate
Concentration and in the Absence of Initial
Manganous Ion
t
0 0 11.21 0
1.5 90 10.90 .21
2.5 150 10.52 .69
4.5 270 5.30 5.91
5 300 2.70 8.51
7 420 2,56 8.65
10 600 2.44 8.77
15 900 2.38 8.83
20 1200 2.25 8 . 96
30 1800 1.95 9.26
40 2400 1.60 9.61
Reaction mixture:
10 cc. 0.8514 KjCaO*
10 cc. 0.01205M KMn04
5 cc. 1.3502M H30+
25 cc. distilled water.
4£
&aiifoanic-oxal&te complex —»-> lln*"*"*" + C u0^
given in the end period of Skrabal's mechanism.
The data for the sait effect experiment are given in
Table 15 and the curve in Figure 2A. The curve is similar
in form to that for the control experiment, but deviations
due to the addition of the salt are apparent. The salt ef-
fect to the point pi is negative. This is to be expected
from an inspection of Skrabal's mechanism for the induction
and incubation periods. The salt effect suddenly changes at
and becomes positive for the linear part of the curve. At
the point pi the concentration of the manganic ion is very
low, as is indicated by the low oxidizing value of the aliquot
t
at P^» Since the concentration of the excess C»04 ion hsa
changed relatively little and the concentration of the Mn++
has increased to a point where all the reducible manganese
must be present as lin+++ , the ratio (£aiii_) must be very
(iJLn+++)
high. Hence conditions favor the formation of the complex ion
and the positive salt effect is secondary, confirming the re-
sults of £>auner«
In order to observe the effect of increasing fchi oxalate
ion concentration so drastically (17 times) under the condi-
tions which have been described, the control curve for Part 1
was drawn in Figure 2A (dotted line) for the sake of compari-
son. It may be seen that for 80 per cent of the reaction, the
velocity is greatly increased by increasing the concentration
of the oxalate ion. The remaining SO per cent is much slower.
TABLE 13
The Velocity of the Reaction in High Oxalate
Concentration in Absence of Initial Manganous
Ion and in Presence of Addec Eodlum Ion
t
(a - x) X
Min. Sec.
0 0 11.21 0
2.5 150 10.95 .26
3,5 210 10.38 .88
4,5 270 7.42 3.79
5,5 330 2.38 8.83
7 420 2.40 8.81
10 600 2.23 8.98
15 900 £.10 9.11
20 1200 1.90 9.31
30 1800 1.4£ 9.79
'0 2400 0.98 10.23
Reaction mixture!
10 cc. 0.85M K«Ct04
10 CC 0.01205M £Mn04
r ;. . i. v ;2\i H 30+
£5 cc. 1.5M Ma*
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In order to investigate the kinetics of the reaction
at concentrations of oxalate ion lying between the values
compered in Figure 21, experiments were carried out in which
the Concentration of the oxalate ion in the reaction mixture
was varied from 0.00753M, a concentration somewhat lower
than that in the control experiment of Part 1 in which the
concentration was 0.01M, in evenly spaced increasing concen-
trations through 0.301M. The intermediate concentration!
studied in increasing order weret
(1) 0.01506, (2) 0.0201M, (?) 0.0753M, and (4) 0.1506M,
making a total of six different experiments.
The results of these measurements are given in Table 14
and the velocity curves are shown in Figure EB. The broken
curves in this figure are tsken from later data and will be
referred to again. The thlosulphpte solution used was 0.002M.
An inspection of the data and unbroken curves of Table 14
and Figure 2B shows that when the concentration of the oxalate
ion in a reaction mixture containing no initial excess mangan-
ous ion is varied between 0.00752M and 0.0301M, the rate of
reaction is an inverse function of the concentration of oxa-
late ion in excess.
This observation leads to a plausible explanation for tha
effects of magnesium sulphate end zinc, cadmium and aluminum
sulphates in the experiments of Part 1 (Figure l), where the
concentration of oxalate was 0.01M.
The explanation for the effect of magnesium sulphate
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TABLE 14
The Effect of the Variation of the Concentration
of tiie Oxalate Ion in tiie Absence of
Initial M&nganous Ion
Concentration of oxalate ion
Time
0.301M 0.1506M 0.0753M 0.0301M 0.01506)4 0.007501
Min.
(a-x) (a-x) (a-x) (a-x) (a-x)l (a-x) x
0 28.05 0 28.13 0 28.13 0 ?8.13 0 28.13 0 28.13 0
1 — m 27.88 0.25 28.00 0.13 — — m - — —
p _ _ 27.78 0.41 27.60 0.53 27.90 0.23 27.98 0.15 28.08 0.05
w 27.80 0.25 27.65 0.48 27.38 0.75 - — — — - —
A
*m.
mm mt 87.38 0.75 26.70 1.43 — • — — 27.50 0.63
5 _ _ 26.42 1.71 25.40 2.73 27.40 0.73 27.55 0.58 — mm
ao S7.18 0.87 mm 26.82 1.31
7 8.38 19.75 19.30 8.83
8 mm 25.82 2.31 26.05 8.08 25.05 3.08
9 24.70 3.35 5.85 22.28 10.30 17.73
10 20.28 7.77 21.80 6.33
10.5 13.95 14.10 6.15 21.9?
11 6.55 21.50 23.20 4.93 19.38 8.75
11.5 6.00 22.05
18 6.00 22.05 5.85 22.28 22.28 5.85 15.52 12.61
12.5 5.15 22.98
13 6.00 22.05 20.10 8?o5 1.60 26.53
14 19.12 9. of 0.32 27.71
15 22.58
15.5 14.40 13.73
16 15.50 12.63
17 9.90 18.23
18 11.48 16. 5.78 22.35
19 mm
SO 7.54 20.59 1.55 26.58
23
,. .
3.66 24.47
"*Cherry red appears.
**Tan appears.
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lies in the fact that magnesium oxalate differs from sodium
and potassium oxalates in the respect tnat it is lcnoro to
be a highly undlssociated salt^-6 . The formation of this
salt -would result in a reduction in the concentration of
the oxalate ion in tne reaction mixture when the Mg++ ion
was added. This effect would result in an increase in the
velocity of the reaction since we have shown in Table 14
that actually decreasing the C tOX ion concentration will
have this effect in Dm range of concentrations under dis-
cussion.
Since the velocity curve for magnesium sulphate in Fig-
ure 1 shows that the effect of this salt is still negative
in spite of the fact that oxalate ions have been removed, it
is supposed that two effects nay be involved:
(1) The negative acceleration of the reaction velo-
city due to the salt effect on the kinetic reaction between
ions of unlike sign, and
(2) The positive acceleration of the reaction velo-
city due to the removal of CtO* ions from the system by the
formation of highly undlssociated magnesium oxalate.
These two effects act in opposition to each other so
that the curve for magnesium sulphate in Figure 1 may be re-
garded as representing an equilibrium between these forces.
The second effect mentioned is evidently great enough to cause
the magnitude of the primary negative salt effect to be con-
siderably diminished.
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If this explanation is to be accepted for the effect
of magnesium sulphate on the reaction velocity, it is evi-
dent that the effect of cadmium, zinc ana aluminum sul-
phates must be to remove the oxalate ion from the reaction
mixture so effectively that the true salt effect of these
salts is entirely masked and the reaction velocity is actu-
ally positively catalyzed, due to a drastic reduction in t! i
oxalate ion concentration.
An exhaustive search of the literature reveals that the
cations of each of these salts form complex oxalato ions of
varying degrees of stability.
It was found that zinc ion forms two complex negative
ions with the oxalate ion. In solutions containing concen-
trations of oxalate in excess of 0.15 molar, the complex
Zn(C»04 ) a ' ion is formed. In more dilute solutions the
complex ion is Zn(C»0 4 ) 8 ~.
18
The information regarding the cadmium-oxalate complexes-1-0
was limited. Kohlschutter19 has investigated the cadmium oxa-
late double salts and postulates the existence of complex
cadmium-oxalate ions, notably the Cd(Ca0 4 ) t ion. Peters §
in his work on the quantitative separation of cadmium from
copper as the oxalates in acid solution, found that copper
oxalate was much less soluble than cadmium oxalate under these
conditions. This observation may indicate the formation of a
soluble cadmium-acid-oxalate complex ion.
The existence of the alumino-oxalate complex ions has
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been completely established by the recent work of Burrows
and Lauder2*-. They have prepared and analysed salts con-
taining stable aluinino-oxalate anions of the types
A1(C80 4 ) 3 5 and Al(C a04)g(Ht0) 2 ".
Hence it appears that the positive effect of salts
containing the complex forming cations on the reaction velo-
city is a result of the removal of oxalate ions from the
field of reaction to form slightly dissociated complex ions
with the added cation. This effect is shown in Figure L*
It is evident that the positively accelerating effect of the
reduction of the oxalate ion concentration has completely
masiced the true negative salt effect.
The formation of the precipitate of hydrated MnO t in the
aluminum experiment of Part 1 may De construed as additional
evidence in favor of the theory that the addition of Al***
ion results in the reduction of the concentration of C a0^ ion.
The equilibrium existing between manganous ion, quadri-
valent manganese ion and manganic ion in solution may be writ-
ten Mn++++ + Mn++ 2Mn+++ .
If oxalate ion is present in sufficient quantity thg
manganic ion is removed to x'orm a complex manf anic-oxalato
ion and the reaction written above shifts to the right. How-
ever, if sufficient oxalate ion is not present, the tendency
of the above equilibrium ie to shift to the left, resulting
in a greater concentration of MnM
"H
'. Tne concentration of
MnM"++ ion which can exist in water solution at any time is
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very small. When this concentration is exceeded, hydrated
MnO a is precipitated.
If this is true, the effect of the addition of alumi-
num sulphate to the reaction mixture may be explained by
saying that the formation of very stable alumino-oxalate
ions removes the oxalate ion from solution so completely
that the relatively less stable manganic-oxalate complex
cannot be formed. In that case the above equilibrium shifts
to the left, increasing the concentration of Mn++++ ion to
a point where it precipitates as hydrated MnO t .
The fact that this precipitation is observed for the
aluminum ion only and not for the zinc and cadmium ions,
which also form complexes, may be explained in two ways:
(1) The alumino-oxalate complexes are evidently
much more stable than those of zinc and cadmium and, hence,
dissociate to a lesser degree, thus removing the oxalate ion
more effectively, and
(2) The number of mols of oxalate ion removed per
mol of aluminum ion is probably 3, whereas, in the case of
the zinc and cadmium ions, the number is probably £. Thus
more oxalate ion may be removed by a definite concentration
of aluminum ion than by the same concentration of zinc or
cadmium ion.
A further examination of the data of Tables 12, 13, and
14 and the unbroken curves of Figures 2A and £ii brings out a
number of additional outstanding points which are considered
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very important:
(1) Wnen the concentration of oxalate ion is increased
from 0.0301M to 0.1506M, the effect of the variation of the
oxalate ion concentration noted between 0.00753M and 0.0301"
is reversed and the rate of by far the greater part of the
reaction becomes directly dependent on the oxalate ion con-
centration until the purplf color imparted by the MnOJ ion
disappears and the reduction is at least 70 per cent complete.
(2) When the concentration of oxalate is again increased
from 0.1506M to 0.301M the reaction rate is decreased again
but only in the "incubation" period. It should be noted
that the retarding effect of excess C a04 in the "high con-
centration" range under discussion is principally on the
incubation period.
(?) It is pointed out and emphasized that in the "lorn
oxalate" range, the permanganate ion disappears without a
great loss of oxidizing power to the reaction mixture (about
25 per cent) . This is 3hown by the disappearance of the
purple color and the appearance of the cherry red color of
the complex while the titration value of the aliquot is still
high.
On the other hand, the permanganate ion does not
disappear in the "high oxalate" range until at least 70 per
cent of trie oxidizing value of the solution has disappeared.
At the point where this occurs it has been shown that the
rate of reaction suddenly becomes very slow.
(4) It will be noted that as the reaction mechanism
changes from the "low" to the "high" type, the form of the
curve changas to one which shows the distinct divisions of
the reaction into the slow "incubation", rapid "induction'1
and slow "end" periods of Skrebal^. A negative salt effect
has been observed for the induction and incubation periods
and a positive secondary salt effect for the end period
which bears out the predictions of Skrabal.
The conclusions which are possible from these observa-
tions arei
(l) Large excesses of oxalate ion retard the incubstion
period in which nanganous ion is formed. This may be due to
the removal of manganous ion by the oxalate to form a man-
ganous oxalate complex ion.
(£) Increasing concentrations of oxalate ion result in
increasing reaction velocities for the induction period as
long as unreduced permanganate ion is present and the con-
centration of oxalate is very high. When all the permanganate
ion has disappeared, the reaction velocity simultaneously be-
comes very slow in the presence of large excesses of oxalate
ion and the unimolecular dissociation of the cherry red com-
plex manganic ion sets in.
(3) It is thought that the manganous ion concentration
has an important bearing on these phenomena. This will be
discussed later.
Part 5
The Relation of the Oxalate Ion Concentration to the
Reaction Velocity and Salt Effects in the Presence
of Initial Jianganous Ion
According to Skrabal8 and other workers the initial
presence of sufficient manganous ion in the reaction mix-
tare eliminates for the most part the slow incubation period
of the reaction and causes the reaction to become unlmolecu-
lar, uut to the formation and dissociation of a complex
manganic-oxalate ion. Following the Bronsted theory a posi-
tive secondary salt effect for non-complex forming salts
would be predicted for such a unimolecular dissociation.
As has been stated, Launer9 observed a positive salt
effect on the reaction velocity when ammonium sulphate was
added as the salt to reaction solutions which contained high
concentrations of oxalate, low acidity and initial excess
manganous ion. As the ^aimonium ion does not form complex
oxalate io:> , l 1 , i'-' at on tne reaction velocity in this
particular respect is compare ule to the effects obtained by
us for the sodium and potassium ions in the experiments of
Part 1. The effects observed by us for these ions were nega-
tive ana, therefore, diametrically opposite to the effect ob-
served by Launer. This change from a positive to a negative
effect has evidently been brought about by one or all of tnree
factors in which our reaction mixture differed from that of
53
Lsun-n
(1) The increase in acidity.
(2) The decrease in the concentration of oxalate.
(3) The initial presence of excess manganous ion.
Launer® lias shown that the effect of excess 11,0* on
the reaction velocity is indirect in that it controls the
concentration of the oxalate ion. In Tien of this fact it
seemed more likely to us that the change in salt effect,
and hence the change in mechanism, was principally due to
changes in the concentration of the oxalate and manganous
ions.
With this Information at hand Telocity experiments were
performed to investigate the salt effects of non-complex form-
ing salts in varying oxalate concentrations and in the pretence
of initial excess manganous ion. In these experiments the
effect of constant amounts of salt were tried on reaction
mixtures in which only the concentration of the oxalate was
varied. The salts used in these experiments were ruunonium
and lithium sulphates, the cations of which do not form com-
plex oxalate ions. The thiosulphate solution used in the
titrations of these experiments was 0.002M.
A. Experiments with Ammonium Sulphate as the Salt
These experiments were carried out using four different
concentrations of potassium oxalate. The experiments performed
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with each concentration are given under (l)
, (2), (3),
and (4) respectively. 1 control experiment was run for
eacn concentration of oxalate. The salt effect on the re-
action velocity of each control experiment was determined
by the substitution of 25 cc. of 4.016 molar ammonium sul-
phate solution for the 25 cc. of distilled water contained
In each control reaction mixture. The complete data on
these experiments is presented in Tables 15 to 28, inclusive.
(l) The concentration of oxalate in the reaction mix-
ture of this experiment was 0.1504 molar. The data on the
velocity measurements and composition of the reaction mix-
ture are given in Table 15. Check experiments are designated
as C 1 and C 2. The average x values were plotted against
time in seconds in Figure 3. The color of the reaction mix-
ture was a deep cherry red which changed to pink as the re-
action proceeded.
These results show that the time necessary for complete
reaction has been greatly increased. The reaction was not
complete at the end of 30 minutes. The form of the curve has
been altered by the addition of manganous ion.
The results for the velocity of the reaction in the pres-
ence of 4.016 molar ammonium ion are given in Table 16 and the
curve In Figure 3. The salt effect is obviously positive.
This observation confirms the results of Launer. The color
gradations with the salt were identical to those without the
salt.
TABLE 15
Control Experiment on Reaction Velocity in Presence
of 0.1504 Molar Oxalate and Initial Excess
Manganous Ion
t (a - (a - x) (a - x)
Min. Sec. C 1 C 2 Avers ge Log
X
0 0 28.14 28.14 28.14 1.4493 0
2 120 22.58 23.06 22.82 1.3583 5.32
4 240 20.50 20.82 20.66 1.3152 7.48
6 360 18.40 18.72 18.56 1.2686 9.58
8 480 16.55 16.71 16.63 1.2209 11.51
11 660 14.10 14.50 14.30 1.1553 13.84
15 900 11.35 11.95 11.65 1.0664 16.49
20 1200 9.03 9.38 9.21 0.9648 18.93
25 1500 7.67 7.68 7.68 0.8354 20.46
30 1800 6.47 6.81 6.64 0.8222 21.50
Reaction mixture! 5 cc. 1.504M KaCt04
10 cc. 0.01205M KMn0 4
5 cc. 1.9302M R,0+
5 cc. 0.09945M Mn++
25 cc. distilled water.
TABLE 16
The Velocity of the Reaction In Presence of
0.1504 Molar Oxalate, 4.016 Molar Ammonium Ion
and Initial Excess Manganous Ion
t (a - x) (a - x)
Average
(a - x)
Log
z
:.iin. Sec. NH4 1 NH4 2
0 0 28.14 28.14 23.14 1.4493 0
2 120 18.10 18.56 18.33 1.2632 9.81
4 240 15,62 15.80 r .71 1.1962 12.43
6 360 13.54 13.50 13.52 1.1309 14.62
8 480 12.04 11.85 11.95 1.0774 16.19
11 660 9.73 9.55 9.64 0.9841 18.50
15 900 7,48 7.42 7.43 0.8710 20.71
SO 1200 5,49 5.26 5.38 0.7308 22.76
£5 1500 4.13 3.97 4.05 0.6076 24.09
30 1300 3.60 3.46 3.52 0.5465 24.62
Reaction mixture! 5 cc. 1.504M K»Ca04
10 cc. 0.01205M KMn04
5 cc. 1.9302M H,0+
5 cc. 0.09945M Mn++
25 cc. 8.033M NH4+
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The reaction conditions Just described, nemely, the
high oxalate concentration and the presence of sufficient
initial mari^anous ion, are favorable to the rapid trans-
formation of all the reducible manganese into the form of
the complex manganic-oxalate ion. If this has taken place
we should expect the reaction to be unimolecular from tne
ooservations of Skrabal.
The logarithms of the (a - x) values for each of the
above experiments v/ere plotted against time in Figure 4.
It is shown that, except for the first point and three
points near the end of the reaction, the curves are straight
lines and the reaction for the major part is apparently of
the first order. The difference in 3lope of the logarithmic
curves again demonstrates the positive salt effect.
(2) The concentration of the oxalate used in these
experiments was 0.03003 molar, one-fifth that used in Experi-
ment A (l). The results and data on the control experiment
are given in Table 17, and that for the salt effect experi-
ment in Table 18. The curves showing the x values plotted
against time are given in Figure 5. The salt effect has be-
come negative. It should be noted, however, that as the re-
action near3 completion, the slope of the curve shoving the
salt effect becomes greater than that of the control. The
total timr? for the reaction was about 12 minutes. The color
gradations noted in these experiments were from clear brown
through tan and light yellow to colorless, as contrasted with

TABLt 17
Control Experiment on Reaction Velocity in Presence
of 0.03008 Molar Oxalate and Initial Excess
Manganous Ion
t
(a - x) X
iiin. Sec.
0 0 28.52 0
0.5 30 20.30 8.22
1 60 15.62 12.90
2 120 10.41 18.11
2.5 150 3.78 19.74
4 240 5.82 22.70
5 300 4.55 23.97
7 420 3.42 25.09
9 540 2.67 25.85
11 660 2.57 25.95
Reaction mixture!
5 cc. 0.3008M KjCtO*
10 cc. 0.01205M KMn0 4
5 cc. 1.9302M H,0+
5 oc. 0.09945M fin**
25 cc. distilled water.
TABLi 18
The Velocity of the Reaction In Presence of
0.03008 Moler Oxalate, 4.016 Molar A^uaonium
Ion and Initial fcxcess Hanganous Ion
t
Min. Sec.
(a - x) X
0 0 28.52 0
1 60 21.08 7.44
1,5 90 18.52 10.00
2 120 16.58 11.94
2.5 150 14.90 13.62
4 240 11.22 17.30
5 500 9.42 19.10
7 420 6.95 21.57
9 540 5.20 23.32
11 660 4.13 24.39
Reaction mixture*
5 cc. 0.3008M XaC a04
10 cc. 0.01205U KMn0 4
5 cc. 1.9302M H30+
5 cc. 0.09945M Mn++
25 cc. 8.033M HE4+
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the cherry red to pink of the experiments A (l) in high
oxalate concentration.
(3) The concentration of the oxalate in the next experi-
ments was 0.01504 molar, one-tenth that in A (l) . The dats
for the control experiment are given in Table 19 and for the
"salt* experiment in Table 20. The carves are shov.n in
Figure 6. The salt effect is negative. The results of
experiments A (2) were checked in every particular except
that the time for complete reaction in A (3) was reduced to
about 6 minutes. The color change was still from brown to
colorless.
By plotting the logarithms of the (a - x) values found
in Experiments A (2) and A (3) against time, it was found that
the reaction velocity did not conform to the requirements of
a unimolecular reaction*
It has bean shown that the salt effect has changed from
positive to negative by lowering the concentration of the
oxalate. It now became of interest to locate that concentra-
tion of oxalate in similar reaction mixtures to those used in
Experiments A (l), A (2), and A (3), which v.ould so influence
the reaction velocity that a point of balance between the posi-
tive and negative salt effects would be reached. At this
point no salt effect should be apparent.
(4) Evidently this concentration of oxalate lies some-
where between solutions which are 0.1504 and 0.03008 molar
with respect to oxalate. With this in view the concentration
TABLf 19
Control Experiment on Reaction Velocity in Presence of
0.01504 Molar Oxalate and Initial Excess Manganous Ion
t
Kin. Sec.
fa t\ X
0 0 28.10 0
0.5 20 7.60 20.50
1 60 4.38 23.72
1.5 90 3.02 25.08
2 120 2.50 25.60
M 150 2.13 25.97
s 180 1.87 26.23
4 240 1.70 26.40
5 800 1.60 26.50
Keaction mixture:
5 cc. 0.1504M K»Ct04
10 cc. 0.01205M KMn04
5 cc. 1.9302M H,0+
5 cc. 0.09945M Mn++
25 cc. distilled water.
TABLE 20
The Velocity of the Reaction in Presence of
0.01504 Molar Oxalate, 4.016 Molar Ammonium
Ion and Initial Excess llanganous Ion
0 0 28.10 0
1 60 9.33 18.77
1.5 90 7.17 20.93
2 120 5.75 22.35
2.5 150 4.95 23.15
3 180 4.25 23.85
4 240 3.25 24.85
5 300 2.80 25.50
7 420 1.80 26.30
Reaction mixture!
5 cc. 0.1504M K^O*
10 cc. 0.01205M KMn04
5 cc. 1.9302M H.0+
5 cc. 0.09945M Mn++
25 cc. 8.033M NH4*

of oxalate finally used was 0.0752 molar.
The data for the control experiment are given in Table
21. Identical experiments are aartted C 1 and C 2 respect-
ively. The velocity curve is given in Figure 7 (solid line)
.
The data for the experiments in the presence of ammon-
ium sulphate are given in Table 22. Check experiments are
marked NH4 1 and NH* 2. The curve is plotted in Figure 7
(dotted line)
.
A comparison of the curves shown in Figure 7 shows that
at the concentration of oxalate used, t iere is no definite
salt effect since the curves practically coincide*
Therefore, it was concluded that a point had been reached
at which the positive and negative salt effects were balanced.
The variation in color of the reaction mixtures in these
experiments was of interest, and should be noted. The color
in the control experiment varied from brown through tan to
colorless. In the salt effect experiment the color varied
from cherry red through pink to colorless. Evidently the
presence of a neutral salt tends to promote the formation of
the red color.
In order to show more clearly the effect of the oxalate
concentration on the reaction rate, the control x values
from Experiments A (l) , A (2), A (3), and A (4) were plotted
against time in seconds and appear in Figure 8. From an
inspection of these curves it becomes more apparent that the
velocity of the reaction is inversely proportional to the
TABLE 21
Control Experiment on Reaction Velocity in Presence of
0.0752 Molar Oxalate and Initial Excess Kanganous Ion
t (a - *> X Average
XMin. Sec. C 1 C 2 C 1 C 2
0 0 28.10 28.39 0 0 0
2 120 20.92 21.60 7.18 6.79 6.99
4 240 16.78 17.05 11.32 11.34 11.83
6 360 13.30 13.86 14.80 14.53 14.67
8 480 11.23 11.80 16.87 16.59 16.73
10 600 9.13 9.66 18.97 18.78 18.85
14 840 6.50 6.99 21.60 21.40 21.50
20 1200 4.19 4.78 23.91 2Z.61 23.76
Reaction aixturei 5 cc. 0.752M Kt Ct04
10 cc. 0.01205M KMn0 4
5 cc. 1.9302M H,0+
5 cc. 0.09945M Mn++
25 cc. distilled water.
TABLE 22
The Velocity of the Reaction in Presence of
0.0752 Molar Oxalate, 4.016 Molar Ammonium
Ion and Initial Excess Manganous Ion
t X Average
XMin. Sec. NH4 1 NH4 2 NH4 1 NH4 2
0 0 28.10 28.39 0 0 0
2 120 19.73 19.96 8.37 8.43 3.40
4 240 16.39 16.81 11.71 11.58 11.65
6 360 13.58 13.90 14.52 14.49 14.51
8 430 11.50 11.75 16.60 16.64 16.62
10 600 9.80 10.00 18.30 18.39 18.35
14 340 7.02 7.05 21.08 21.34 21.21
20 1200 4.48 4.50 23.62 23 . 89 23.76
Reaction mixture: 5 cc. 0.752M KaC,04
10 cc. 0.01205* KMn0 4
5 cc. 1.9302M H a0+
5 cc. 0.09945M Mn++
25 CC 8.033M NH4*
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concentration of the oxalate ion when it is in excess and
manganous ion is initially present.
B. Experiments ?ltn Lithium Sulphate as tie Salt
In order to exclude the possibility that tne salt ef-
fect phenomena observed with ammonium sulphate are specific
to that salt, experiments were carried out using lithium
sulphate as the salt.
These experiments were similar to those perforated in
the case of ammonium sulphate except that the concentration
of the reactants was varied slightly. The salt effects
were determined by the substitution of 25 cc. of an approxi-
mately 3»25 molar solution of Li a S04 .H»0 for the 25 cc. of
distilled water in the control reaction mixture. Two con-
centrations of oxalate were studied. The experiments for
the respective concentrations are labeled (l) and (2) . Con-
trol experiments were run for each oxalate concentration.
(1) The concentration of oxalate used in this case was
0.14725 molar. This experiment is, therefore, analogous to
A (1) for ammonium sulphate. The data for the control are
found in Table 23. Three check experiments are marked C 1,
C 2, and C 3 respectively. The curve is given in Figure 9.
The data of the "salt" experiment with lithium sulphate
are given in Table 24. Check experiments are marked Li 1 and
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TABLE 23
Control Experiment on Reaction Velocity in Presence of
0.14725 Molar Oxalate and Initial Excess Manganous Ion
t (a - x) X Average
(a - x)
Log
(a - x)
Average
XKin
.
Sec. C 1 C 2 C 3 C 1 C 2 C 3
0 0 25.50 25.58 25.58 0 0 0 25.55 1.4074 0
2 120 21.05 21.52 21.27 4.45 4.06 4.31 21.28 1.3280 4.27
4 240 18.92 18.98 19.11 6.58 6.60 6.47 19.00 1.2788 6.55
6 360 16.90 16.95 17.12 8.60 3.63 8.46 16.99 1.2302 8.56
9 540 14.12 14.42 14.68 11.38 11.16 10.90 14.40 1.1584 11.15
12 720 11.96 11.98 13.54 13.60 11.97 1.0781 13.57
15 900 10.22 10.35 15.28 15.23 10.29 1.0124 15.26
20 1200 7.93 8.15 17.57 17.35 8.04 0.9053 17.50
25 1500 6.50 19.00 6.50 0.8129 19.00
26 1560 6.28 19.30 6.28 0.7980 19.30
Reaction aixturei 5 cc. 1.4725M K,Cg04
10 cc. 0.0109M KMn04
5 CC 1.9982M R,0+
5 cc. 0.1M Mn++
25 cc. distilled water.
TABLE 24
The Velocity of the Reaction In Presence of
0.14725 Molsr Oxalate, 3.25 Molar Lithium Ion
and Initial Excess Manganous Ion
t (a - x) Average
(a - x)
Log
(a - x)
Average
XMin. Sec. Li 1 Li 2
0 0 «. • » \j nw
2 120 18.58 18.40 18.49 1.2669 7.01
4 240 16.22 16.25 16.24 1.2106 9.26
6 360 14.20 14.15 14.18 1.1517 11.32
9 540 11.62 11.65 11.64 1.0660 13.86
12 720 9.65 9.65 9.65 0 . 9845 15.85
15 900 8.03 8.00 8.02 0.9042 17.48
20 1200 5.90 5.90 5.90 0.7709 19.60
£5 1500 4.58 4.45 4.52 0.6551 20.98
Reaction mixture t 5 cc. 1.472514 K»C t04
10 cc. 0.0109M KMn04
5 cc. 1.9982M H,0+
5 cc. 0.1M iin++
25 cc. 6.50M Li*
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Li 2. The color of the reaction mixture varied from cherry
red to pink in both the control and "salt" experiments. The
curve is shown in Figure 9.
A positive salt effect was obtained as was expected.
Logarithmic curves, given In Figure 10, show that the major
part of the reaction in the absence and presence of the salt
was unlmolecular.
(2) The second concentration of oxalate used was 0.02945
molar. This experiment is analogous to A (2) under ammonium
sulphate.
The data on the control experiment are given in Table
25, and on the "salt" experiment in Table 26. Check experi-
ments are marked as usual. The curves are compared in Figure
11. The salt effect is shown to be negative, as would be ex-
pected. The slope of the "salt" curve is again seen to become
greater than that of th« control curve near the finish of the
reaction. The color of the reaction mixture varied from
brown to colorless.
Thus it has been shown that the salt effect obtained
with the use of ammonium sulphate can be duplicated by the
use of another salt of the same type.
The remainder of the experiments in this part are de-
voted to the effects of aluminum sulphate and magnesium sul-
phate on the reaction rate in the presence of initial excess
manganous ion anc in varied oxalate concentrations.
TABLE 25
Control Experiment on Reaction Velocity in Presence of
0.02945 Molar Oxalate and Initial Excess Manganous Ion
t (a - x) x Average
XMin. Sec. C 1 C 2 C 1 C 2
0 0 25.58 25.53 0 0 0
1 60 13.85 13.90 11.73 11.63 11.68
2 120 9.15 9.13 16.43 16.40 16.42
3 180 6.60 6.65 18.98 13.87 18.93
4 240 5.50 5.38 20.08 20.15 20.12
5 300 4.40 4.40 21.18 21.13 21.16
6 360 3.80 3.90 21.78 21.63 21.71
8 480 3.25 3.04 22.33 22.49 22.41
10 600 2.80 2.78 22.78 22.75 22.77
Reaction mixture! 5 cc. 0.2945M K,C t04
10 cc. 0.0109H KMn04
5 cc. 1.9982M H,0+
5 cc. 0.1M Mn++
25 cc. distilled water.
71
TABLE 26
The Velocity of %bm Reaction in Presence of
O.OE?^ Molar Oxalate, 3.25 Molar Lithium Ion
and Initial Excess Manganous Ion
t (a - x) X Average
XMin. Sec. Li 1 Li 2 Li 1 Li 2
0 0 25.58 25.53 0 0 0
1 60 16.03 16.22 9.55 9 * 21 9.43
2 120 11.75 11.63 13.83 13.90 13.87
3 180 8.77 8.67 16.81 16.86 16.84
4 240 6.75 6.96 18.83 18.57 18.70
5 300 5.42 5.44 20.16 20.09 20.13
6 360 4.50 4.40 21.08 21.13 21. 11
8 480 3.20 3.30 22.38 22.23 22.31
10 600 2.33 2.50 23.25 23.03 23.14
Reaction mixture! 5 cc. 0.2945M KtCa04
10 cc. 0.0109;* Klln0 4
5 cc. 1.9982M H,0+
5 cc. 0.114 Mn+*
25 co. 6.50M Li+
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C. The Effect of the Addition of Aluminum Sulphate
The explanation has been advanced in Part 2 that the
aluminum ion accelerates the reaction positively because
It forms stable complex alumlno-oxalate ions and removes
the oxalate ion from solution. If this explanation is
true, tue effect of aluminum should remain positive even
if the oxalate concentration Is varied and the manganous
ion is initially present.
The experiments with aluminum were carried out under
conditions identical with those already described for the
experiments with lithium sulphate. The velocity curves ob-
tained upon the addition of aluminum sulphate to the reaction
aiixture are compared with the control velocity curves given
in Figure 9 and 11.
(1) Ten cubic centimeters 0.5 molar A1"H
'+ ion and 15 cc.
of distilled water were substituted for the 85 cc. of distilled
water in the reaction mixture which was 0.14725 molar with
respect to oxalate. The date are given in Table 27 in which
the two check experiments are marked Al 1 ana Al 2. The curve
is plotted in Figure 8. The effect of the aluminum sulphate
on t e reaction velocity is strongly positive. No precipitate
of hydrated MnO, was observed. This may be accounted for by
the fact that a large excess of oxalate was present.
(2) Ten cubic centimeters 0.1 molar ion
and 15 cc.
TABLE 27
The Velocity of the Reaction in Presence of
0.14725 Molar Oxalate, 0.1 Molar Aluminum Ion
and Initial Excess Manganous Ion
t (a - Average
(a - x)
Average
XMin. Sec. Al 1 Al 2
0 0 25.50 25.50 25.50 0
0.5 30 13.42 13.58 13.47 12.03
1.0 60 7.32 7.40 7.36 18.14
1.5 90 4.30 4.35 4.33 21.17
2.0 120 2.75 2.75 2.75 22.75
2.5 150 1.88 1.90 1.89 23.61
5.0 180 1.55 1.55 23.95
c.25 195 1.39 1.39 24.11
4.0 240 1.38 1.30 1.34 24.16
5.0 300 1.10 1.20 1.15 24.35
Reaction mixture: 5 cc. 1.4725M K,C 10 4
10 cc. 0.0109M KMn04 .
5 CC. 1.9982M H,0+
5 cc 0.1M Mn++
10 cc. 0.5M A1+++
15 cc. distilled water.
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of distilled water were substituted in the reaction mixture
whicn was 0.02945 molar with respect to oxalate. The data
are given in Table 28. Tne check results are marked Al 1
and Al 2. The curve is plotted in Figure 11. The presence
of A1+++ ion in this case increases the velocity of the
reaction enormously. No precipitate of MnO a was observed.
It is shown, therefore, that the effect of the addi-
tion of cations forming stable complex oxalate ions is to
uniformly positively accelerate the reaction velocity over
widely varying concentrations of oxalate in the presence
of initial excess manganous ion.
D. The Effect of the Addition of Magnesium Sulpahte
Since the behavior of agnesium sulphate on the reaction
velocity in Part 1 was somewhat out of the ordinary, it was
thought of interest to investigate tne effect of magnesium
sulphate on the reaction velocity when the manganous ion was
originally present, and in varying oxalate concentrations.
The experiments were carried out, using precisely the
same reactant concentrations as were used in the experiments
wit» aluminum and lithium sulphates. The curves for magnesium
sulphate are given in Figures 9 and 10, and are compared with
the previous control curves in these figures.
(1) Twenty-five cubic centimeters of a concentrated
TA3LE 23
The Velocity of the Reaction la Presence of
0. 0^945 Solar Oxalate, 0.0S Molar Aluminum Ion
:-nd Initial Excess Manganous Ion
t (a - x) Average
(a - x)
Average
XMin. Sec. Al 1 Al 2
0 0 25.45 25.45 25.45 0
0.5 30 3.55 3.55 3.55 21.90
1.0 60 1.43 1.43 24.02
1.5 90 1.17 1.03 1.10 24.35
2.0 120 0.98 0.94 0.96 24.43
2.5 150 1.04 1.00 1.02 24.43
3.0 180 1.00 1.00 24.45
Reaction mixtures! 5 cc. 0.2945M K»C t04
10 cc. 0.0109M K|ln04
5 cc. 1.9982M Bl30+
5 cc. 0.1M Mn-H-
10 cc. O.ltf A1++++
15 cc. distilled water.
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(approximately 4 molar) solution of MgS04 .7H,0 was substi-
tuted in the reaction mixture which was 0.14725 molar with
respect to oxalate. The data are given in Table 89. The
velocity curve is plotted in Figure 9. The addition of
magnesium sulphate increased the velocity of the reaction
very markedly.
(2) Twenty-five cubic centimeters of the solution of
magnesium sulphate were used in the reaction mixture which
was 0.02345 molar with respect to oxalate. The data are
presented in Table 30. The curve representing the reaction
velocity is plotted in Figure 11. The velocity of the re-
action was increased by the addition of magnesium sulphate.
Evidently the addition of magnesium sulphate positively
catalyses the reaction velocity in all except very low con-
centrations of oxalate. This would seem logical as excess
oxalate would repress the slight ionization of the magnesium
oxalate.
It has been shown in this part of the experimental re-
sults that when the manganous ion is initially present in
slight excess, the following phenomena were observed:
(1) The salt effects of non-complex forming salts may
be changed from positive to negative by decreasing the con-
centration of the oxalate in the reaction mixture.
(2) A point of balance at which no salt effect is ap-
parent has been demonstrated at a concentration of oxalate
Intermediate between those influencing the positive and nega-
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TABLE £9
The Velocity of the Reaction in Presence of 0.14725
Molar Oxalate, Approximately 2 Molar Magnesium Ion
and Initial Excess Manganous Ion
t
(a - x) x
Min. Sec.
0 0 25.45 0
I ISO 14.05 11.40
4 240 8.67 16.78
6 360 5,58 19.87
8 480 5.68 21.77
10 600 2.52 22.93
12 720 1.90 23.55
15 900 1.42 24.03
Reaction mixture*
5 CC. 1.4725M KaC,04
10 cc. 0.0109M KMn04
5 cc. 1.9982M H30+
5 cc. 0.1M Mn++
25 cc. approx. 4M Mg+
TABLE 30
The Velocity of the Reaction in Presence of 0.0S945
Oxalate, Approximately 2 liolar Magnesium Ion
and Initial Excess Manganous Ion
Min.
t
Sec.
(a - x) X
0 0 25.45 0
1 60 8.80 16.65
2 120 4.08 21.37
3 180 2.27 23.18
4 240 1.50 23.95
6 360 0.95 24.50
Reaction mixture
|
5 CC. 0.2945M K a C a04
10 cc. 0.0109M KMn0 4
5 cc. 1.9982M H,0+
5 cc. 0.1M Mn++
25 cc. approx. 4M Mg++
79
tive salt effects.
(3) In the case of oxalate concentrations above that
of the balance point, the salt effect is positive and the
color of the reaction solution i3 initially cherry red.
In this case the reaction appears to he unimolccular
.
(4) In the case of oxalate concentrations below that
of the balance point, the salt effect is negative and the
color of the reaction solution is initially brown without
a trace of red. In this case the reaction seems to be of
some higher order than first order.
(5) The velocity of the reaction is inversely propor-
tional to the concentration of excess oxalate ion when Mn++
is initially present.
(6) The addition of salts, the cations of which form
stable complex oxalate ions, uniformly increases the velocity
of reaction.
(7) The addition of magnesium sulphate increases the
speed of the reaction, probably due to the formation of
highly undissociated magnesium oxalate.
Part 4
A Study of the Intermediate Manganic-Oxalate
Complex Ions
Launer9 has studied the complex ion which imparts a
cherry red color to the permanganate-oxalate reaction solu-
eo
tion when the ratio mols of Ct0^ ion to mols of tin'*"*"*' ion
is high, the acidity low, and initial excess manganous
ion present. He assigned the formula (MnCCtO^Ja)" to the
ion.
Skrabal^ has tentatively given the formula, Rn(OH) 1 .H1C t0 4
to the complex manganic-acid oxalate compound which he found
to impart a brown color to a reaction solution in which the
oxalate was supplied as oxalic acid.
Schllow6 has assigned the formula Mn(OH) a .SHt C B04 to
the intermediate complex.
The preceding data of this work have shown a definite
correlation between the color of the reaction solution and
tue mechanism of the reaction. When the color is cherry red
the secondary salt effect is positive, the oxalate concentra-
tion high and the reaction apparently unimolecular . When the
color is brown, the salt effect is negative, the oxalate con-
centration decreased and the reaction apparently of some higher
order than first order.
The following experiments were devised to attempt to elu-
cidate the reaction mechanism by acquiring furtner knowledge
of the nature of the intermediates of the reaction.
A series of qualitative experiments were first carried
out in whicn variations in the color of the reaction solution
were noted when the concentrations of the reactants in the
permanganate-oxalate reaction mixtures were varied and large
amounts of neutral salts were added. The reaction mixtures
81
used were similar to those already described in Part 3.
From these experiments the following data were ohtainedi
(l) Increasing oxalate concentrations promote the forma-
tion of the cherry red color.
(s) As the acidity is Increased the cherry red color
clianges to brown until finally, when a very large amount of
acid (as HaS0 4 ) ^as been added, the brown solution becomes
momentarily pink and then rapidly colorless.
(3) The addition of large amounts of neutral salts as
ammonium and sodium sulphates to a reaction mixture already
brown causes the color to become red or pink.
Next a series of experiments were performed to show that
the reducible manganese in the brown and cherry red complexes
was tervalent. The technique of the experiment was devised
by Launer^ who was able to show that the manganese in the
cherry red complex was tervalent.
The experiment was carried out as follows:
(l) Blank Experiment:
Ten cubic centimeters of .0802 molar KMn04 solution were
treated with 10 cc. of 0.984 moler Ha S04 and 7 cc. of 0.1 molar
MnS0 4 . The precipitated hydrated MnO, resulting was treated
with SO cc, of freshly made 10 per cent KI solution and 10 cc.
of 1 aolar HtS0 4 . The resulting iodine was titrated with
0.05N sodium thiosulphate, using starch as an indicator. The
average of three such titrations was 20.20 cc.
In the succeeding experiments of the series the hydrated
MnO» produced in exactly the same amount ana manner as in
the blank, was treated with solutions of potassium oxalate
and sulphuric acid, so made up as to dissolve the hydrated
oxide and produce the brown or cherry red color to be in-
vestigated. When the hydrated MnO t had completely dissolved
and produced the desired color (a very rapid process), 20 cc.
of 10 per cent KI and 10 cc. of 1M ^804 were immediately
added and the resulting liberated iodine was titrated with
the same 0.05N solution of thlosulph&te used in the blank.
If the oxalate complexes resulting when the Iin0 t dissolved
in the acid and oxalate contain tervalent manganese, one-
half the oxidizing power of the MnOj, as expressed by the
blank titration will have been lost according to the scherce:
and the iodine titration should be one-half the blank titra-
tion or 10.10 cc. of thiosulphate.
The results of such experiments are tabulated as follows!
Since the titrations of the iodine obtained from solu-
tions of the complex oxalate ions under investigation are all
approximately one-half that of the blank, it is concluded that
the greater part cf the reducible manganese in both the cherry
In**** — Mn+± £e
Mn+++ St- Mn++ - le
Experiment
(Description)
Average titrations in cc.
0.05N Na aS a0,
Blank
Cherry red complex
Brown complex
Intermediate red-brown
20.20
10.01
9.76
9.88
red ana brown solutions nust be tervalent.
The silently lo* titrations in tne case of the brown
solutions were unavoidable as the reaction proceeds very
rapidly. The hydrated MnO t dissolved almost instantly in
the acid and oxalate.
An attempt was now made to determine the sign of the
charge on tne iont which impart the cherry red and brown
colors to the reaction mixtures. To this end several
electrophoretic experiments were carried out, using a very
simple method. Cherry red and brown solutions were made up
and electrolyzed in a U-tube with an upper layer of colorleti
electrolyte, using platinum wire.", as electrodes. The use of
the colorless upper layer excludes the possibility of com-
plicating reactions at the electrode and facilitates the
observation of the migration of the colored ion toward the
oppositely charged electrode.
In the case of the cherry red solutions it was found
that the red color migrated in every case through th° clear
upper layer toward the anode. The boundary between the upper
and lower layer of liquid remained very definite on the cathode
side, but became vague on the anode side. Hence it was con-
cluded that the ion imparting the cherry *ed color to the
solution was negatively charged since it migrated toward the
positive pole.
All attempts to determine the charge on the ion imparting
the brown color to the reaction solutions failed. Five experl-
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Tcents were tried in which the voltage3 used and the composi-
tions of the brown and supernatant electrolytes were varied,
but in no case was any migration of tne brown color noted.
This aay be partly due to the greet instability of the ion
imparting the brown color.
Launer^ has investigated the ratio, mols of oxalate ion
to mols of manganic ion in the intermediate cherry red com-
pl o., by means of the following experiment:
"Equfil portions of permanganate were added to solutions
consisting of an excess of acid and of manrjanous ion, and of
varying amounts of potassium oxalate such that the ratio mols
of K2Cg0 4 : mols of tripositive manganese was 1.00, 1,25,
1.5, 1-75, 1.875, and £.00."
The experiment depends on the fact that a precipitation
of hydrated manganese dioxide will be formed in the reaction
mixture unless sufficient oxalate ion is present to form a
stable manganic-oxalate complex ion. If sufficient oxalate
is present, this precipitation will be averted and the solu-
tion will remain clear. Thus by observing the ratio
o*ftWq
— at which the solution remains clear and ac-
molb Mn+++ ion
quires the desired color one can postulate the ratio
mols oxalate ln tne complcx formed,
mols Hi*** ion
Launer worked only with the cherry red solutions. He
concluded that for each mol of manganic ion in the cherry red
complex there were two mols of oxalate ion, giving the complex
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ion tne formula (Mn(C a04 ) t)- because, at this ratio, "a
clear solution'' was obtained.
It will be noticed, however, t^at in his experiments,
Launer used excess acid. The experiments of this work hare
shown that the presence of excess acid promotes the forma-
tion of the brown solution, and since Launer assigned no
color to his "clear solution", it was thought possible that
he had not obtained the correct formula for the cherry red
complex. At any rate the presence of excess acid in this
experiment would have a decided bearing on the results.
Therefore, it was determined to investigate this matter
further. In the experiment which follows the presence or
absence of a precipitate and the color of the solution were
considered as well as the effect of varying acidity on these
factors.
The experiments were carried out as follows*
Eight 125 cc. Erlenmeyer flasks were chosen and numbered.
In each flask there was placed 5 cc. 0.1 MnS04 (slight excess)
and the desired amount of 0.0984M R8S04 . A solution of 0.15M
sodium oxalate was added to each flask from a burette in cal-
culated amounts so that the ratio mols oxalate v.ould be a
mols Mn+++ ion
i'ixed value when 5 cc. of .020214 KMn04 solution were subse-
quently added to each flask. The following scheme shows the
volumes used and the corresponding ratio of mols oxalate .
mols Mn+++
SG
Flask No. 0.15M Na tC t04
cc. added Ratio
mols oxalate
moIs Mn+++
1
I
8
4
5
I
7
8
1.68
3.56
5.04
6.72
8.40
9.24
10.08
10.92
0.5
1.0
1.5
2.0
2.5
2.75
3.00
3.25
The solution in each flask was diluted to 50 cc. with
distilled water. To each flask 5 cc. of .02001 KMn0 4 solu-
tion were added as rapidly as possible from a pipette. The
presence or absence of a precipitate and the color of the
solution were noted within one minute after the permanganate
was added.
This experiment was repeated in seven series. In each
series the concentration of the sulphuric acid was varied and
the results noted as above.
Th« first series contained 4.1 cc. of 0.0984 molar I1»S0 4
which is Just enough to furnish the hydrogen ion required by
the following reaction;
MnO; 4MnM" + 8H+ >- 5Un+>+ 4H.0
leaving no excess acid. The remainder of the series were run
with varying excess amounts of acid. All seven series may be
tabulated as follows:
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Series No. 0.0984M H a S0 4
cc. added
I
II
III
IV
Y
VI
VII
4.1 (minimum required
4.2
4.6
5.0
7.0
10.0
SO.O
The results of these experiments are given in Table 31.
By an inspection of this table the following facts are es-
tablished!
(1) No amount of acid added prevented the precipitation
of hydrated Mn0» when the ratio of oxalate to manganic ion
was 0.5 : 1. This shows that no complex ion exists in which
there are 2 aols of Mn+++ ion to 1 mol of Ca0J ion.
(2) "Clear solution" could be obtained at will in all
ratios higher than 0.5 : 1 by merely increasing the acidity.
(3) When no excess acid was used a precipitate of hy-
drated MnOj occurred when the ratio of oxalate to manganic
ion was 2 1 1.
(4) In excess acid clear brown solutions were obtained
when the ratio was 2 t 1. In no case was this color cherry
red.
(5) When no excess acid was present the first clear
cherry red solution was obtained when the ratio mpls oxalate
mols Mn*** ion
was 3.
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(6) Increased acidity is shown to prevent the precipi-
tation of hydrated Mn08 *nd to promote the formation of the
bro\m color.
(7) Increased oxalate concentration is again shown to
promote the formation of the cherry red solutions.
The results of Launer's experiments would appear to be
vitiated by the observations (2), (3), and (4). The fact
that he obtained a "clear solution" in excess acid when the
ratio of oxalate to manganic ion was 2 : 1 seems merely fortu-
itous. It lias been shov/n a^ve tlmt i£ a clear polution is
obtained at the ratio 2 1 1, the color is alvsys brown. Hence
the assumption that the cherry red complex ion is (Mn(C B04 ) a )~
seeas fallacious.
It is concluded, from the experiments Just performed,
that the ion which imparts the cherry red color to the reaction
solution is probably (Mn(Ct04 ) 3 ) 2 .
In searching through the literature it was noted that
P. Kehrmann22 (1887) had prepared and isolated the potassium
salt of this complex ion. The compound had the formula
K,(Mn(C a04 ) 3).3H,0. An excellent review of the manganic-
oxalfite complexes in Abegg and Auerbach f s "Handbuch der An-
organischen Chemie"15 states that Souchay and Lenssen23 (1858)
had prepared and studied the salt earlier and that Christi-
ansen24 (1901) had obtained similar results by another method
of synthesif.
In order to further strengthen the argument that the
TABLE 31
Experiment to Investigate the Ratio Mols C 804
Ion to Mols lin"*"** in Complex
Intermediate Manaanic-Oxalate Ions
Rat io Mols G «°4
Mols Mn+++
cc. 0.0984M HtS04 added
4.1 4.2 4.6 5.0 7.0 10.0 20.0
0.50
1.00
1.50
2.00
2.50
2.75
3.00
3.25
'rb
r
"r
"r
Tt
+t
"t
~b
"rb
~r
~r
+t
"b
"rb
~b
"b
*"b
-
rb
"r
""r
T
c
"to
"b
"b
*b
-rb
~br
-br
"b
*"b
"b
~b
"b
**b
"ro
"b
"b
"b
*b
-b
~b
-b
Legendi + » precipitate of hydrated Mn0»
- « no precipitate; clear solution
r m cherry red
b * clear brown
t light clear tan
c * colorless
In the spaces marked the color applies to the super-
natant liquid.
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cnerry red complex ion, produced es an intermediate in the
permanganate-oxalate reaction, is (Mn(C a0 4 ) the salt,
X 3 (Mn(C a04 ) 3 ) .3Ha 0, of Kelirmann was prepared according to
his directions and its properties were studied in relation
to those of the cherry red reaction mixtures already des-
cribed.
The product consisted of needle-like orownish-red or
plum colored crystals. These crystals were purified Dy re-
peated recrystallization from very cold alcohol-water solu-
tions, and were analysed for manganese. This was accomplished
by dissolving a weighed sample of the dry crystals in water,
immediately adding excess XI solution and Ha604 and titrating
with standard thiosulph&te. The results were calculated on
the basis of tervalent manganese.
The analysis follows!
(1) (s)
ftt. tube and sample, 17.6818 17.4399
Wt. tube, 17.4399 17.1837
TUft. sample, .2419 .2562 gms.
Titration
cc. 0.01002 N thiosulphate, 48.50 51.44
% Mn in sample, 11.04 11.05
Average % Mn, 11.05
Theoretical I Mn Error =» 1.4#
in K aMn(C a04)^.3Ha0, 11.20
This analysis shors tnat the salt obtained ?vas the
K a (Mn(C a04 ) a>3H a0 described by Kehrmann.
On exposure to direct sunlight through glass at room
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temperature, trie crystals slowly decomposed and became
white, the reaction probably proceeding according to the
scheme:
2K 3 (Mn(C 804 ) 3 ) >- ?KtC t04 2UnC 804 + 2C0 t .
when kept in the dark at ordinary temperatures, however,
the material was apparently quite stable*
When the salt was dissolved in water, a beautiful deep
cherry red color was obtained. This color was identical in
every respect with the color imparted to reaction mixtures
by the cherry red complex ion in Part 3. If the water solu-
tion of the K 314n(C g0 4 ) 3 .3H80 is treated with sulphuric acid
in moderation, the color of its solution becomes brown. If
a large amount of acid is added, the color of the solution
becomes momentarily pink and then colorless. The addition
of potassium oxalate and large amounts of neutral salts
such as sodium and ammonium sulphates, to the brown solution,
produced by the addition of small amounts of acid to the
water solution of the complex salt, restores the red color.
Thus it is seen that the water solution of the K 3Mn(C t 04 )t.
3Ht0 behaves in the same way as the cherry red reaction mix-
tures already discussed.
In this part of the work it has been shown, therefore,
that (l) the ion imparting trie cherry red color to the perman-
ganate-oxalste reaction mixtures is (Mn(C t0 4 ) 3 ) =j (2) the ion
imparting the brown color to the reaction mixture is obtained
by increasing the acidity and thus decreasing the oxalate ion
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concentration of the cherry red solution. The constitution
of this brov.n ion is unicnown, but it may be a hydrolytic
product of the orown aquo-oxalate complexes of the manganic
ion. At any rate it is far less stable than the cherry red
complex ion.
—i l
The Effect of Temperature
Tne results of experiments on the effect of temperature
on the velocity of the reaction are presented in this part
of the work. Reaction mixtures containing sufficiently
high concentrations of oxalate ion to cause the production
of the cherry red Mn(C 80 4 ) * ion with its resultant reaction
characteristics, and those containing low concentrations of
oxalate ion and exhibiting the brown to tan color change were
studied. In all cases the manganous ion was initially pre-
sent. From the data thus obtained it has been possible to
calculate the temperature coefficients of both reaction
types in two different temperature ranges.
In these experiments the concentration of tbfl various
reactants, except that of the acid which was always present
in slight excess, were so adjusted that the ratio Tc mO* J
«as 3 In the "cherry red" range, and 1.5 in the "brown" range.
iianganous ion was Initially added to the reaction mixture
in Just sufficient quantities to reduce all the MnOJ ion
to Mn"H"+ ion, according to the stoichiometric equation
MnOJ ft 4Mn++ 8H+ >- 5Mn+++ + 4:i,0.
By carefully adjusting the concentrations in this way it
was hoped that complications arising from excess reagents
would be avoided.
The temperatures chosen for these measurements were
15°, 25°, and 35° C. The temperature in each case was con-
trolled within t .05° C in a small Freas Water Thermostat.
A thermometer recently calibrated by the Bureau of Standards
was used to check the temperature frequently.
The Initial composition of the reaction mixture vhen the
ratio [c a04
1
was 3 follows*
[Mn+++]
20.00 cc. 0.1481M C aol
8.62 cc. 0.02291M MnOj
7.36 cc. 0.1072U Xn++
11.00 cc. 0.1878M K,0+
53.02 cc. distilled water.
The composition when ^C a0^] was 1.5 follows:
10.00 cc. 0.148111 CgO*
8.62 cc. 0.02291M ttnOj
7.36 cc. 0.1072M Hn**
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11.00 cc. 0.1878M H 30
+
65.02 cc. distilled water.
The total volume in both cases was 100 cc.
The various components were brought to thermal equili-
brium by at least a 20-minute immersion in the water bath.
After the lapse of this time they were mixed rapidly and
the course of the reaction followed as usu&l. Since the
acidity in the reaction mixtures was comparatively low, the
KI solutions in the separate flaslcs were made acid with
5 cc. of .01M H tE04 before the aliquots were added.
The concentration of the thiosulphate solution used
for the titrations was 0.002M. An average of nine deter-
minations gave £2.75 cc. of this solution as the best "a''
value.
The volumes of the various components of the reaction
mixture which could not be conveniently measured with pipettes
were carefully measured from accurate burettes.
The velocity measurements when the ratio [CYO^] 3
[Mn+++]
at 15°, 25°, and 35° C are given in Tobies 32, 33, and 34
respectively. The average x values thus obtained are
plotted against time in minutes in Figure 12. The corres-
ponding measurements when the ratio TCP;! » 1.5 at 15°,
[Mn+++]
25°, and 35° C are given in Tables 35, 36, and 37 respectively
and the graphs shown in Figure 13.
TABLF. 32
Velocity Measurements at 15 * .05° C
when the Ratio [CaO^] * 3
[Mn+++]
t */ ii Vcro^C a v t;r<i£ e
*1
IIInA XII • 1 fa - x} C. . 'J
0 — 22.75 0 -
3 21.40 21.22 21.31 1.44 .00946
6 19.90 19.93 19.92 2.83 .00961
9 18.65 18.70 18.68 4.07 .00951
12 17.70 17.62 17.66 5.09 .00917
15 16.32 16.48 16.40 6.35 .00948
20 14.58 14.62 14.60 8.15 .00963
25 13.42 13.42 9.33 .00917
30 11.97 11.97 10.78 .00930
35 10.95 10.95 11.80 .00909
40 9.80 10.17 9.99 12.76 .00899
50 8.60 8.67 8.64 14.11 (.0084+)
60 7.17 7.17 15.58 (.0080+)
75 5.13 5.70 5.42 17.33
Average between 0 and 40 minutes = .00934
2.303
TABLE 53
Velocity Measurements at 25 t .05° C
When the Ratio [c a0X] = 3
[Mn-*-++]
t (a - x) Average Average
2.303liin. 1 2 1 4 (8 - X) X
0 - - - - 22.75 0 -
1 21.46 - 21.62 - 21.54 1.21 .0238
2 20.43 20.29 20.25 - 20.32 2.43 .0245
3 19.30 - 19.20 19.05 19.18 3.57 .0247
5 16.92 17.00 17.30 17.17 17.10 5.65 .0248
7 - 15.30 15.50 15.18 15.33 7.42 .024 5
10 12.90 13.18 13.08 13.02 13.05 9.70 .0242
12 11.71 - 11.84 - 11.78 10.97 .0238
15 10.15 10.00 10.30 10.30 10.19 12.56 (.0232)
17 9.25 9.25 13.50 (.0230)
20 7.95 3.07 8.22 8.23 8.12 14.63 (.0223)
25 6.43 6.78 6.85 6.85 6.73 16.02 (.0211)
30 5,42 5.70 5.75 5.52 5.60 17.15
35 4.38 4.72 4.80 4.63 18.12
40 3.75 3.98 4.10 S.80 3.91 18.84
50 2.17 2.86 2.51 20.24
60 1.50 1.50 21.25
Average between 0 and 12 minutes = .0243
2.303
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TABLE 54
Velocity Measurements at 35 - .05° C
When tne Ratio [c«0° 1 * 3
[lin+++]
t Average Average Kl
Min. 1 2 3 (a - x) X 2.303
r\
\J — AC • f o
1X 13.70 ^ r\ T rt19.10 13 • 50 JL*~> •II 3.98 .0836
16.13 lr> 1^.98 .0767
O 13.71 13.75 13.73 9.02 .0731
A 11.80 11.48 11.64 11.11 .0728
ft 10.09 10.22 9.73 10.01 12.74 .0713
rt
f 7.75 7.98 7.50 7.74 15.01 .066+
9 6.20 5.70 5.95 16.80
10 5.16 4.93 5.05 17.70
12 4.10 3.92 4.01 18.74
15 2.70 2.90 2.70 2.77 19.98
20 1.66 1.71 1.69 21.06
25 1.35 1.35 21.40
30 1.34 1.34 21.41

TABLE 35
Velocity Measurements at IB 1 .05° C
When the Ratio [c»0l] 1.5
t (a - x) Average Average
Min. 1 2 (a - x) X
0 _ _ 22.75 0
1 16.23 16.58 16.41 6.34
2 14.17 14.22 14.20 8.55
3 13.25 13.30 13.28 9.47
6 11.48 11.60 11.54 11.21
9 10.30 10.42 10.36 12.39
12 9.27 9.58 9.43 13.32
15 8.50 8.60 8.55 14.20
20 7.50 7.50 7.50 15.25
£5 6 .65 6.70 6.68 16.07
30 5.95 6.10 6.03 16.72
40 4.84 4.90 4.87 17.88
50 4.05 4.10 4.08 18.67
60 3.46 3.81 3.64 19.11
TABLE 36
Velocity Measurements at 25 t .05° C
When the Ratio [ca0«l s 1.5
[ttn*++]
x)t (a - Average Average
(a - x)Min. 1 2 3 4 X
0 22.75 0
1 14.00 13.62 13.81 8.94
1.25 13.18 13.18 9.57
2 11.90 11.80 11.73 11.90 11.83 10.92
4 9.61 9.42 9.45 9.55 9.51 13.24
6 8.00 7.90 7.90 8.05 7.96 14.79
8 6.85 6.70 6.80 6.90 6.81 15.94
10 6.10 5.81 5.98 5.90 5.95 16.80
12 5.35 5.30 5.24 5.40 5.32 17.43
15 4.48 4.39 4.49 4.60 4.49 18.26
18 3.92 3.90 4.00 3.94 18.81
21 3.60 3.42 3.50 3.51 19.24
25 2.95 3.03 £.92 2.97 19.78
TABLE 37
Velocity Measurements at 35 * .05° C
When the Ratio [0,0^] = 1,5
[Mn+++]
t U - x) A vpru q p AVP TA (7 P
xMin. 1 2 % (a - x)
0 • ~ • 22.75 0
0.75 11.70 11.55 11.63 11.12
1 — 10.70 10.70 10.70 12.05
1.50 9.22 9.25 9.24 13.51
2 8.08 7.98 8.03 14.72
2.50 7.30 7.18 7.22 7.23 15.52
3 6.31 6.40 6.36 16.39
4 5.40 5.34 5.22 5.32 17.43
5 4.45 4.48 4.47 18.28
7 3.20 3.10 3.15 19.60
10 2.10 2.10 2.10 20.65
11 1.95 1.95 20.80
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It is evident from an inspection of these graphs that
the effect of increasing temperature is to increase the
velocity of both the "red" and "brown'1 type of reaction.
A cursory examination of the measurement data indicate^ how-
ever, that the extent of the Increase for a given tempera-
ture range has varied somewhat.
To ascertain the extent of this variation, the tempera-
ture coefficients between 15° and £5° C and between 25° and
35° C were determined.
The temperature coefficient may be defined as the ratio
of the Telocity constants of any reaction at intervals of
10° C. It is expressed mathematically as
T.C. = k(f)
k (T 10°)
where T. C. temperature coefficient, k velocity constant,
and T = temperature. More simply the temperature coefficient
is the ratio between the reaction velocity at T° C and the
reaction velocity at (T° + 10° C)
.
In order to obtain these values, It is not necessary to
calculate the velocity constants since accurate determinations
may he made graphically.
In view of the complicated nature of the reaction in-'
question, the graphical method was adopted.
The average values of x at each of the three tempera-
tures studied were plotted against time, t, on a large scale
for increased accuracy. This operation was carried out sepa-
10
rately for the "high oxalate" and "lov. oxalate"' reactions.
Values of t corresponding to a fixed value of x were
reaa from this large scale graph, and the ratios between
these values of time at 25° C and 15°0 and at 35°C and 25° C
were calculated. The value of the resulting ratio should
be the same as that which could be calculated by comparing
the velocity constants. These calculations appear for the
reaction velocity when Zc^O^l = S in Table 38 and for the
[Mn+*+]
reaction velocity when fCgO^ 1 = 1.5 in Table 39. The re-
[Mn+++]
suits at all the different fixed values of x are averaged.
It nay be seen that the deviation from a constant value In
any case is small.
It is thus shown that, in the case when
the ratio £3.(15°) = 2.59 and the ratio Ki(£5°) = ?.10.
Kl(2f°) Kl(35°)
When [c a0j] 1.5, the ratio Ku^O) = 2.95 and the
ratio &i(25Q) = 2.94.
Kl(35°)
It was found that fairly concordant first order velocity
constants could be calculated for the first part of the "high
oxalate" or "red" reaction at 15° and 25° C. Using the equ-
aation, Kj_ * 1 In a . or 1 ^og
• a - x p. 303
=
t a - x
these constants were calculated and appear in the columns
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TABLE 38
Calculation of the Temperature Coefficient
When the
r — ~t
Ratio ICtOXJ
I
M" 1
= 3.0
Average Time in M 1 nut p s t25° tl5°
X t 35° t25° fc 150 t25°
4 1.1 3.4 8.8 3.09 2.59
5
6
1.4 4.4 11.2 3.14
3.18
2.54
2.571.7 5.4 13.9
7 2.1 6.4 16.7 5.05 2.60
8 2.5 7.6 19.6 8.04 2.58
9 3.0 8.9 23.0 2.97 2.58
10 3.5 10.4 26.8 2.97 2.58
11 3.9 12.1 31.2 3.10 2.58
12 4.5 13.9 36.2 8.09 2.60
13 5.2 15.8 42.0 3.04 2.66
14 6.0 13.3 48.8 3.05 2.66
15 6.9 21.0 56.0 3.04 2.66
16 8.0 24.8 64.9 8.10 2.62
17 9.2 29.4 72.7 8.19 2.47
18 10.5 34.3 8.26
19 12*5 40.7 8.25
20 15.1 47.9 USE
Average Temperature Coefficient 3.10 2.59
TABLE 39
Calculation of the Temperature Coefficient
When the Ratio rc.o;l = 1.5
Average Time in Minutes t25° t15°
X *35° tj25° tl5° t35° *25°
12 1.3 3.7 10.9 £.84 S.94
14 1.65 4.9 14.8 2.97 2.92
15 2.£ 6.3 18.5 £.86 £.93
16 2.8 8.2 24.6 8.93 .7. .CO
17 3.6 10.6 32.0 2.94 2.02
18 4.6 14.1 41.5 3.06 £.94
19 6 18 52 3.00 2,89
Average Temperature Coefficient 2.94 2.95
marked gg in Tables 82 ana 33. The ratio of tha aver-
2.303
age of these constants Ki(uo\ »
. 0243 = 2.60.
.009?4
This value is in excellent agreement with that already ob-
tained by graphical methods. Tha first order constants calcu-
lated for the same reaction at 35° C show a decided downward
trend (Table 34).
The increase in the value of the temperature coefficient
from 2,59 to 3.10 when the temperature varies between 15° C
and 25° C in the case of the "red" reaction may indicate tuat
the dissociation of the trioxalato manganiate complex ion
Mn(C,04)f <I~^ Mn**+ 3C,04
is increased at the higher temperatures. In that case, the
above reaction would be driven to the right, thus increasing
the concentration of the manganic ion and the velocity of the
reaction. This effect should not be confused with the ordinary
effect of tne temperature on the kinetic reaction. The fad
that first order constants may be calculated for this reaction
at 15° and 25° C but show a downward trend at 35° C indicates
that the reaction is losing its unimolocular characteristics
at the highest temperature. Since re must assume that the ,
unimolecularity of the reaction is due to the dissociation of
the complex, it is evident, from this reasoning, that the con-
centration of the complex is decreased at 35° C to a point
where the effect of its dissociation is masked by the kinetic
10P.
reaction of higher order already postulated for the "brown"
reaction.
It has been shown that the temperature coefficients of
the "brown" reaction do not show this variation, being ?.94
between 25° and 35° C end £.95 between 15° and 25u C. The
small discrepancy is probably due to experimental error.
This lack of variation in the temperature coefficient indi-
cates that we are dealing with the fundamental kinetic re-
action in the case of the "brown" solutions. It may also
be pointed out that the average value of the temperature
coefficient, 2.95, is very close to the value for the "red"
reaction between 25° and 35° C. This agreement reindicates
that at higher temperatures the "red" reaction may spproach
the echanism of the "brown" reaction''
The coefficients calculated for the "red" and "brown"
reactions between 15° C and 25° C are 2.59 and 2.95 respect-
ively. This difference, which is out of the range of experi-
mental error, indicates once more a different mechanism for
these reactions at the lower temperatures.
It is possible to conclude from this work that the cherry
red complex manganic-oxalate ion, Mn(C a0 4 )f, is thermolabile
and that all the different reactions involved in the perman-
ganate-oxalate reaction, when manganous ion is initially pre-
sent, probably tend toward the kinetic oxidation-reduction
reaction most nearly approached in the "brown" reaction mix-
tures.
The temperature coefficients of the peraanganate-
oxelate reaction have not heretofore beer, differentiated
and determined.
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DISCUSSION OF RESULTS
It has become increasingly evident during the course
of this work that none of the mechanisms for trie permanganate-
oxalate reaction thus far postulated by previous investigators
are completely applicable to the data just presented. For
this reason it has become necessary to set up a new mechanism
which is more nearly in accord with the experimental observa-
tions.
A thorough consideration of the preceding experimental
results leaas to a number of justifiable inferences regarding
the course of the reaction. It is no* the purpose of this
work to present these theories in logical order and to demon-
strate the course of reasoning which has lead to their adop-
tion. When this has been accomplished, the isolated phases of
the reaction thus shown may be grouped together in a unified
mechanism for the entire reaction.
The first conclusion which has been reached is that
probably the quadrivalent manganese ion, Mn+ "*"++ , and not tae
manganic ion, Jin"*"**, is produced as a primary reduction product
of MnOJ Ion and subsequently oxidizes the C a0J ion. Although
the Mn"*"*"*" ion exists in the reaction mixture as a result of
subsequent reactions to the primary reduction, its role is
probably indirect in that it represents a phase between the
production of Utf*.** ion directly from MnOJ ion and the sub-
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sequent reduction of Mn+ 'M""f ion by 0,0^ ion. This idea is
in opposition to the views of Launer.®
It has been shown in Part 3 of the experimental results
that manganic ion is produced immediately in the presence of
high concentrations of oxalate ion and initial excess manganous
ion , and that the manganic ion thus produced is removed im-
mediately from the field of reaction to form the manganic-
oxalate complex ion, UnCCgO^f, the existence of which has
been established in Part 4. Since the presence of high con-
centrations of oxalate ion favor the formation of this com-
plex ion, and increasing concentrations of oxalate ion repress
its dissociation, the speed of the reaction, when the complex
ion is present, is inversely dependent on the concentration of
excess oxalate ion and the reaction assumes unimolecular char-
acteristics. This effect is clearly demonstrated in Figures 4,
8, and 10.
With this in mind let us turn to the experiments of Part 2
(Table 14). In these experiments the manganous ion was not
initially present and the concentration of oxalate ion was
varied over a range from 0.00753M to 0.301M. In this range
four concentrations of oxalate studied, namely, 0.01506M,
'
0. 020114, 0.0753M, and 0.1506M, are identical with those studied
in Part 3 when the manganous ion was initially present. Since
the reaction mixtures in both cases were identical except for
the initial presence of manganous ion, the effects noted in
each case should be comparable, and differences may be as-
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cribed to the Initial presence of manganous ion.
From Table 14 and the curves in Figure f.B, it is evident
that although the rate declines with increasing oxalate con-
centrations up to 0.0301M, as in Part 3, the rate of the mid-
dle or induction period increases radically as the concentra-
tion of oxalate is raised from 0.0301M through 0.0753M to
0.1506M, which is absolutely opposite to the effect observed
in Part 3 (see Figure 8)
.
If the manganic ion T.ere produced directly by the inter-
action of XnQZ ion and i£n ion and subsequently reduced by
the oxalate ion as postulated by Launer, a continuous decrease
in reaction rate throughout the entire reaction would result
as the oxalate ion concentration increased and the slowest
reaction should occur in the highest concentration of oxalate
ion. This v;ould be so because the Mn(C a04 )j ion would be
formed, according to the experiments of Pert 3 mentioned
above, and the dissociation of this complex would decrease as
the oxalate ion concentration increased.
As has been shown, this effect did not occur in the high
concentrations of oxalate but rather the opposite. Hence it
seemed improbable tbtt H|f^* ion was produced directly and
taen oxidized the C a04 ion.
Since the obvious end product of the reaction between
Mn++ ion and MnOj ion in acid solution is always MnO t , r it
seems probable tnat Mn++ 'M' ion and Hot Mn+++ ion was directly
produced and directly oxidized the 0,0^ ion. In this case
Ill
t;ie reactions may be written:
PJfnOj + 3Mn++ + 16H+ > 5Mn+>++ 8R.0 (l)
11^+++ + c>0= _—^ nn** + gC0l (2),
If these reactions really take place, reaction (l) is
dependent on reaction (?) and reaction (2) is dependent on
the concentration of oxalate ion.
Furthermore the question of the existence of the com-
plex salt ?; 3Jln(C a 0 4 ),.:/ IigO is raised. If manganic ion tended
to react at all efficiently with oxalate ion it would have
been impossible to isolate and analyze this salt. Neverthe-
less this has been accomplished in Part 4 of the experimental
results.
Other strong arguments support the theory that the
quadrivalent manganese ion is the one which is directly con-
cerned in the reaction. These are:
(1) The work of Fales and Roller10 on the oxidation
of the chromic ion by permanganate (see Review and Discussion
of the Literature)
;
(g) The instability of the manganic ion which de-
composes to form hydrated MnO» in vater solution;
(5) The ease with which hydrated MnO» is reduced
by just sufficient amounts of oxalate ion and acid; and
(4) The effect of the aluminum ion in Part 1 (Table
10; Figure 1) in a low oxalate concentration Indicates, through
the precipitation of Mn0 1,that the formation of quadrivalent
manganese is a primary step in the reaction.
11?
It has already been suggested that the difference in
the trend and velocity of the reaction in the "high oxalate"
experiments of Part £ and those of Part 3 is entirely due
to the fact that the manganous ion \;cs initially present in
the reaction nixtures of Part 3, and initially absent in
those of Part 2. Since it has been shown that tervelent
manganese in the form of the cherry red Mn(C 8 0 4 )f appears
immediately in the experiments of Part 3 and not at all for
the greater part of the reaction in those of Part 2, it
follows that the manganous ion in conjunction with sufficient
concentrations of oxalate ion is responsible for the appear-
ance of tervalent manganese in the reaction mixture.
Furthermore an inspection of the curves of Figures 2A
and 23 shows that, when the concentration of oxalate ion is
high and the manganous ion is initially absent, the velocity
suffers a radical decrease when the oxidising power of the
solution has decreased to the extent of at least 70 per cent
of its original value. This sudden leveling off of these
curves, shown at P and P1 in Figure £A, is coincident with
the disappearance of the purple color of the MnOX i-on, the
appearance of the cherry red Mii(C a0 4)f ion and a change of
the reaction type to one with unimolcculsr characteristics.
Since the radical loss in oxidizing power of the solution at
this point (P or P1} Figure 2A) indicates a corresponding in-
crease in the concentration of the manganous ion, it is evi-
dent that sufficient manganous ion has been produced as an
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end product of the reaction to convert all the remaining
1^++++ j_on into ifo-n-* ion. Since the amount of reducible
manganese at this point is low, and the concentration of
oxalate ion in large excess, the Hn*"4"*" ion formed is immedi-
ately removed to form Mn(C g0 4 )3 and the uniiuolecular dis-
sociation of this ion, observed in Part 3, sets in.
The reduction of the lin*"*"*"* ion into Mn,f+> ion proceeds
according, to the following equilibrium*
MnH"M- + Mn** Z)£rS++
, (3)
and the formation of the manganic-oxalete complex according
to: Vta*** 80,05 Mn(C80 4 )f (4).
It now becomes apparent that the course of the reaction
shown in Figure 2A by the solid lines is concerned up to
points P and with reactions expressed by equations (l) and
(&) . At the points P and reaction (3) comes into play with
the result that reaction (4) occurs and is driven to the right
by the excess oxalate. The remainder of the reaction from
points P end P^ to the end of the reaction is concerned with
a slow reversal of the above mentioned equilibria which is
controlled by the extent of the unlmolecular dissociation of
the Mn(Ca0 4 )f ion. This interpretation of these curves is
beautifully corroborated by the salt effect on the reaction
(Figure 2A). The salt effect for the first part of the curve,
up to P1 , is negative as would be expected for reactions (l)
and (2). At P1 the salt effect becomes positive and secondary
due to the formation and dissociation of the complex Mn(C 80 4 )3
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Ion. Thus the last part of the reaction has become Identical
with the entire course of the reaction in the experiments of
Part 3 when the concentration of the oxalate was high and the
manganous ion initially present.
However, the presence of excess manganous ion Initially
is not sufficient in itself to cause the formation of appreci-
able quantities of tervalent manganese. This is so because,
since the Hn*"*"* ion is very unstable, sufficient concentrations
of oxalate ion must be present to stabilize it in the form of
the Mn(C B0 4)f ion. This is shonn by the fact that in low con-
centrations of oxalate ion, the addition of manganous ion causes
a tremendous increase in the velocity of the reaction (compare
broken and continuous curves marked 0.0301M end those marked
0.01506M and 0.01504M in Figure 2B) . This increase is brought
about by the mass action effect of manganous ion on equations
(l) anc (2).
On the other hand, we have shown that the mere presence
of large excesses of oxalate are not sufficient to produce the
^(c t04)i* ion when manganous ion is not present in the "high
oxalate" experiments of Part 2.
However, if manganous ion and oxalate ion are present in
sufficient quantities, the formation of the cherry red ion is
favored. This effect may be seen by comparing the broken and
continuous curves marked 0.1506M and 0.150414 in Figure 2B. The
two reaction mixtures were identical except that manganous ion was
initially present in the reaction mixture whose velocity is re-
presented by the broken curve. The color of the mixture in
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this case was cherry red throughout. The color of the re-
action mixture shose velocity is represented by the continu-
ous curve was purple until the sharp break at the top. It
will be noted also that for the greatest part o t reaction,
the slope of the continuous curve is greater than that of
the broken curve. Hence the greater part of the reaction is
slower when manganous ion is present, which is logical If the
complex ion is formed.,
It will be noticed from an inspection of Table 14 and
Figure 2B that in the loT.er ranges of oxalate concentration
the rate of the reaction is inversely dependent on the con-
centration of oxalate ion in excess for the last and greater
part of the reaction when the manganous ion is initially
absent. This inverse relationship, however, occurs only
after the purple color of the MnOJ ion has disappeared with
an average of a 25 per cent loss of oxidizing power to the
solution. This indicates that, as the reaction proceeds,
enough manganous ion is produced to reduce all the MnOj ion
to MnH"'M' ion and thence to Mn ,"H" ion and thus reproduce the
type of reaction observed in Part Z (Fig. 3) when initial
manganous ion was added. This suggestion is still further-
confirmed by the action of the oxalate complex forming ions
(A1"H~'", Zn4"*" and Cd**) which were added to the reaction mix-
ture of Part 1 (Fig. 1)
.
Higher concentrations of oxalate ion, however, result
in increasing reaction velocities for the induction or middle
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period as long as unreduced MnOj ion is present ana the C2O4
ion concentration is high. The appearance of the Mn(C 80 4 )f
ion In tiiese mixtures, however, does not occur until 70 per
cent of the oxidizing value has disappeared and s correspond-
ingly higher concentration of manganous ion has been produced
than in the case of the low oxalate range.
It will also be noticed that large excesses of oxalate
ion retard the "incubation" period on first perioa of the
reaction in which the concentration of manganous ion must be
uuilt up sufficiently to reduce the MnOt ion to Vn*+++ ion.
An explanation of these phenomena is to be found in the
fact tnat the manganous ion forms a complex negative ion with
oxalate ion wnen the oxalate ion is present in sufficiently
high concentrations. This complex ion hss been investigated
by Scholder and LinstrSm2 ''' who have proposed Mn(Ca0 4 )a »> its
formula.
It now becomes more obvious why the velocity of the in-
cubation perioa is decreased, why the induction period is
faster and why so much manganous ion must be produced to re-
duce the MnM"f+ ion to Mn"*"** ion when the concentration of
oxalate ion is high.
The incub&tlon period is concerned mainly with reactions
(l) and (2). If manganous ion is removed from solution as
fast as it is formed to produce the complex ion as int
. Mn++ + 2C a04 Mn(C a04)i (5),
then the velocity of reaction (l) will be decreased. However,
as tne concentration of Mn(C a04 )a increases, the ratio
kaO^l decreases and the dissociation of the ltn(Ca0 4 )a
is sufficient to allow the reduction of the MnOJ ion to t5n"M"4"f
ion very rapidly. However, the concentration of Mn'M" is
limited by the fact that as -soon as it is dissociated from
the complex, it is immediately used up to reduce the MnOJ ion.
Consequently the concentration of the Mn** ion never becomes
great enough to shift reaction (3) to the right with the
consequent formation of Mn++
'f ion and the complex Mn(C t0 4 )f
ion until the MnOj ion has entirely disappeared and the
greater part of the reaction is over. At this point the
concentration of MnM' is high and reactions (3) and (4) take
place to the right with the consequent appearance of the sud-
den break at points P and P in Figure 2A due to the formation
and slow unimoleculrr dissociation of the complex manganic-
oxalate ion.
In the lower concentration of oxalate ion the Mn(C 8 0 4 )a
ion is not formed to any great extent so that sufficient con-
centrations of manganous ion necessary to bring about the
series of reactions first described occur much earlier in
the reactions.
Thus far, therefore, it has been necessary to assume
that the reaction takes place in the following steps:
2Mn0l 3Mn++ + 16IT+ 5Mn++*+ + 3H,0 (l).
The quadrivalent manganese is then rapidly but measurably
reduced according to the scheme,
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Mn++++ C B0; iln++ + ?CO g (2) .
However, due to reaction (3), the concentration of the
manganous Ion increases until it has been produced in suf-
ficient quantity to reduce the quadrivalent nanganese to
tervalent manganese as int
Vn++++ Mn*+ 2Mn++> (?) .
In high concentrations of oxalate ion, however, the
concentration of the manganous ion available for reactions
(l) ana (3) is limited due to the formation of a msngano-
oxalate complex ion:
Mn++ + 2C t04 i-^" MCtO*),' (5) .
As fast as tervalent manganese is produced, it is im-
mediately removed from the field of reaction by the formation
of the cherry red rcanganlc-oxalete ion by the excess oxalate
ion present, when the concentration of oxalate ion is highi
Mn+++ + 2C t0; Mn(C,04 )f (4).
When this ion has been formed so that its concentration
is essentially equal to the concentration of all the reducible
manganese left in solution, the remainder of the reaction is
concerned with a slow reversal of the equilibria Just proposed.
It now follows that high concentrations of oxalate ion
alone favor reactions (l), (?), and (5) to the right. High
concentrations of oxalate ion and high concentrations of man-
ganous ion favor reactions (l)
, (2), (3), and (4) to the right
but do not favor reaction (5) as much as the first case men-
tioned. High concentrations of manganous ion alone favor
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reactions (l) ana (g) to the right for the first part of the
reaction. However, in the last part of the reaction when
tue ratio of the concentration of oxalate to the concentra-
tion of the reducible manganese remaining is high, reactions
(3) and (4) are favored to the right.
With these factors in mind, en interpretation of the
effects involved wnen the reaction is carried out in initial
excess manganous ion and in high oxalate concentrations will
be undertaken.
The initial presence of excess manganous ion in the re-
action mixture will drive the reaction,
Kn+ *++ + 'in++ ^.'JT fc** (o)
,
to the right and increase the concentration of tervalent
manganese. If, in addition, the oxalate ion concentration
is high, the manganic ion thus produced will immediately be
removed by the formation of the relatively stable complex
ion, Mn(C,0 4 )§, as given in equation (4). In a large excess
of oxalate ion, the complex ion will be stabilized because
its dissociation will be repressed.
If the reaction follows this course, the velocity of
the kinetic reaction *ill depend on the extent of the uni-
molecular dissociation of trie complex to free the aianganic
ion which may be subsequently oxidized to the reactive quad-
rivalent manganese ion. If this occurs, the positive salt
effects observed in experiments A (l) and B (l) or Part 3 are
normal and secondary, and both the salt effect phenomena and
mo
the unimolecular characteristics of the reaction <• rp logically
explained. Although the primary negative salt effect and
the secondary positive effect are both active, by far the
greater amount of the reducible manganese is held in the
complex and the secondary positive effect overshadows the
primary negative effect.
The negative salt effects of the non-complex forming
salts observed in Experiments A (2), A (3), and. B (2) of
Part 5 and in Part 1, in which the ratio mols li»Q4f ii
mols CgOJ
much higher, and the CjOj ion concentration loyer, than in
Experiments A (l) and B (l) of Part 3, will now be discussed
and interpreted.
It has been shown that as the concentration of oxalate
is decreased, the acidity remaining the same, or on the addi-
tion of moderate amounts of acid to reaction mixtures contain-
ing large amounts of oxalate, the color of the reaction mixture
changes from cherry red to brown and the salt effect from posi-
tive to negative.
Launer9 has shown that the effect of increasing acidity
on the reaction velocity is due to the repression of the con-
centration of oxalate ion in the reaction mixture. This is
apparent if the equilibrium existing between oxalic acid and
its ions is consideredi
H tCa04 K* hC 807 (6)
hc.o; ^ZZZT h + c 8o; (7) .
The effect on the equilibrium between the cherry red com-
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plex and its ions (equation 5) of increasing the relative
hydrogen ion concentration must be, therefore, to promote
the dissociation ot the complex and thus to increase the
concentration of the manganic ion and the reaction velocity.
We propose that this dissociation takes place through a
number 01 intermediate steps involving the unstable aquo-
manganic-o>.aiat9 complex ions intermediate between the stable
complex (Mn(C a0 4 ) 3 ) = and the hydratod form of the manganic
ion, (Mn(H a0) 6 ) +++ , and their hydrolytic products. If the
hydrolytic products are omitted for the time, the following
equations may be written:
Equations (a)
,
(Mn(C a0 4 ) 3 )
S
+ H+ «fibl». Oin.(C»0 4 )i(HgO) t)~ HC.Ol
(Mn(C,04),(H,0),)- 4 R* JBdtm («n(C,0 4 )(H,0) 4 ) + + HCjrflJ
(Mn(C,04 )(riaO) 4 ) + * H+ JBlS*. (Mn(H,0) 6 )+
++ HC a0;.
The existence of these intermediate aquo-ions nas been
well established by the work of Meyer and Schramm, 2® who have
isolated salts of the type Na(Kn(C a0 4 ) a (Ha0)) . These inter-
mediate ions are highly unstable and no dbubt are very easily
hydrolyzed. The hydrolysis scheme for this series may be written!
Equations (9),
(ltn(C a0 4 ) a )
5
I C aOi
(Mntc t04 ),(haO),)" ^ZZT (Jdn(C a 0 4 ) a (l-a0)(0H))
=
H+ etc.
(Mntc a04)(H,0) 4 ) + <HlT (Mn(Ca0 4 )(HaO),(OIl)) H+ etc.
c ao 4
(Mnfh aO) 6 ) + f+ (Mn(Ha0) 5 (0Ii))
++
+ H+ etc.
us
The brovm color of the reaction solution In low oxalate
ion concentrations may possibly be attributed to these highly
unstable hydrolytic products as listed above. Skrabal8 as-
signed the formula (Jln(OH) s .H tC a04 ) to the brown complex.
This formula is seen to be very similar to those given above
for the hydrolytic products of the intermediate complexes.
Therefore, if the relative acidity is increased in the
reaction mixture, the rate of the formation of quadrivalent
manganese ion will be increased due to the stepwise dissoci-
ation of the stable (Mn(C 80 4 ) 3 )= ion into unstable intermedi-
ate aquo-manganic-oxalate ions *hich break down very easily
into the manganic ion. Since the concentration of the oxalate
has been considerably reduced, the manganic ion Is free to be
oxidized to the quadrivalent manganese ion which is finally
reduced by the oxalate ion. In this case the secondary posi-
tive salt effect involved in the dissociation of the complex
ion in lo* oxalate concentrations becomes negligible and is
completely overshadowed by the primary kinetic negative salt
effect on the reaction
,
Mn++++ + Ca0= ^ Mn++ 2C0 g (2) ,
as shown by the results obtained in this work.
The experiments on the effect of the temperature in Part
5 indicate, as has been stated, that in the lower temperature
ranges the differentiation between the reaction types in "high"
and "low* concentrations of oxalate ion is sharp. However,
as the temperature is increased, this dlffereritiation becomes
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less sharply defined. This may be due to an increased dis-
sociation of Mn(C 80 4 )* at the higher temperatures, resulting
in ;-n increase In the concentration of Mn"H"*"f ion. This in-
crease causes a shift from the reaction type involving the
dissociation of the cherry red complex ion to the type of
reaction observed when the ratio [0,04] is low* the kinetic
reaction in this case is expressed in equation (2) and con-
stitutes the fundamental oxidation-reduction reaction which
takes place in any case.
The gradual increase in the slopes of the salt curves in
Experiments A (2), A (2), and B (2) of Part 8 near the finish
of the reaction may be explained by the fact that, as the
concentration of the reducible manganese decreases, the ratio
of oxalate ion to the manganic ion and the concentration of
the manganous ion increases. Near the end of the reaction,
tnen, we have all the conditions favorable for the formation
of the coaplex manganic-oxalate ion, (Mn(C t0 4 ) The forma-
tion of small amounts of this complex ion Introduces the
mecnanism involving its dissociation and the salt effect be-
comes secondary and positive.
The effect of salts, the cations of which form complex
oxalate ioni, has been observed to Increase the velocity of
the reaction under all reaction conditions. It must be remem-
jered that in all experiments the oxalate »as in excess. The
removal of oxalate ion from the field of reaction by the forma-
tion of these complexes has promoted the formation of t
quadrivalent manganese ion which, in turn, lias reacted with
•11 the available oxalate ion very rapidly. However, as in
the case of aluminum, if the oxalate ion is more or less
completely removed and firmly held as a complex, the quad-
rivalent manganese builds up to a maximum concentration
above which it can only precipitate in the form of hydrated
manganese dioxide. This phenomenon has been observed.
The origin of the minute traces of Mn*"*" ion necessary
to start the cycle of reactions represented by equations (l)
and (g) when Mn"*"*" ion is not initially added, is a question
for discussion. Slcrabal® assumes that the reaction
,
2MnC>4 + 5C.04 + 16H+ >- 2MnH' 10C0 8 + 3H a 0 (10) ,
takes place to a slight extent very slowly and thus furnishes
exceedingly small amounts of Mn** ion which are necessary to
initiate reaction (l) . Since equation (10) simply represents
the stoichiometric sum of all the reactions thus far proposed
for the entire mechanism, it does not seem logical to the
author that Skrabal's explanation is adequate.
It seems very probable that even very pure KMn0 4 crystals
are contaminated with traces of MnO t . This is true because
the permanganate is easily reduced by traces of Jin"*"*" left from
the preparation process and by dust and other easily oxidiz-
able materials with which the salt unavoidably comes in con-
tact. If a trace of SinO, were present f it would react with
oxalate as follows:
1£5
MnO a C 204 4H
+
>. Mn++ £CO a + £H aO ^
and produce the necessary Mn+ "*" ion.
In view of the experimental results, therefore, the
following mechanism for the permanganate-oxalate reaction
in acid solutions is feasible:
(1) £MnOj &tn*"* 16H+ 5Mn++++ + 3H t0
(£) lin
++++
+ C a04 *-2C0 a + Mn
++
(3) Mn++ + Maflg 4*Z£ Jin(C B0 4 )l (rapid; reversible)
(4) MnM"H' * Mn++ <--- 2Mn+ '*"f (rapid} reversible)
(5) Mn
+++
+ 3C a 0 4 Un(C a0 4 )s (rapid; reversible) .
In equation (5a) the hydrated formula for the manganic ion if
used:
Equation (5a),
(Mn(C a04 ) 3)- (red)
(-C,04 + 2H a0)
(Mn(C a04 ).(H aO) a)- (Mn(C a04 ) a (H aO)(OH))
=
+ H+
f| (-C a04 # 2H.0)
(Mn(C a04)(Ha O) 4 )
+ (Mn(C a04)(U,0) a (OH)) • H+
tl (-C 80; » 2Ka0)
1 y
(Mn(H a0) 6 )
+++ £3 (Mn(H,0) 5 (0H)) ++ *
(brown?)
(6) ****** hydratea MnO, (if C to; is deficient).
In this mechanism reaction (l) is governed by the pres-
ence of sufficient manganous ion and is controlled by the ex-
tent of reaction (2) to the right and reaction (3) to the left.
Reaction (2) is the kinetic oxidation-reduction reaction and
ts controlled by the concentration of oxalate ion, reaction
(l) to the ri5}it and reactions (5) and (4) to the left. Re-
action .1 (')., (~)> «*vi. ? (^a) ar? controlled by the concentra-
tion of oxalate ion and manganous ion acting in conjunction,
and are dependent on reactions (S) to the right and (s) to
the left for the raanganous ion.
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SUMMARY 1 ND CONCLUSIONS
The kinetics of the complex permenganate-oxalate re-
action in sulphuric acid solution have been investigated
under varying conoitions of resctant concentrations end
temperature. The effect of neutral 9£lts on the velocity
of the reaction has been observed and correlated with the
various oxidation-reduction reactions which take place as
intermediate steps in the stoichiometric reaction.
Evidence has been adveneed to show that r^*** ion
rather than the Mn"**4"*" ion is formed as a direct reduction
product of the MnOj and subsequently oxidizes the C t0^ ion.
It has been shown that the Mn+++ ion exists in the solu-
tion by virtue of the reduction of the MnM"++ ion, first formed,
by means of the Mn^ ion when the Mn++ ion has been produced in
sufficient quantity as a normal end product of the reaction.
It has also been shown that the Mn"H"+ ion thus formed is
stabilized by excess oxalate ion in the form of a complex
manganic-oxalato ion, the composition of which depends on the
concentration of oxalate ion present. When a large excess of
oxalate ion is available, this complex has been proven to have
the formula Mn(C,0 4 )?. The potassium salt of this anion has
been isolated and analyzed.
When the greater part of the reducible manganese was in
the form of the complex Lln(C 8 0 4 )f ion, the reaction velocity
was inversely proportional to the concentration of excess
oxalate ion and the reaction was largely unimolecular in
nature. The salt effects which were observed for salts,
the cations of which do not form oxalate complexes, were
positive and secondary in accordance with the theories of
Brfinsted.^
When the concentration of the oxalate ion was decreased
in the presence of initial manganous ion, the rate of re-
action increased and the color of the solution changed from
red to brown. In this case a primary negative salt effect
on the kinetic reaction,
Mnn-M. t Cjb0= + PCOs>
was observed. Although tervalent manganese exists in these
solutions, it was thought to be in the form of very unstable
aquo-oxalate complex ions intermediate between tie Mn(C B0 4 J 3
ion and !4n+++ ion. The instability of these complexes per-
mitted such a rapid formation of i?nM"M" ion that the kinetic
negative salt effect completely overshadowed the secondary
positive effect due to the slow dissociation of the cherry
red Mn(C a04 )f ion.
A point of balance between the positive and negative
salt effects was established.
when the concentration of oxalate ion is high, evidence
has been obtained to show that the manganous ion is removed
to form a complex ion, probably Mn(Ct04 )» which was studied
by Scholder and Linstrflm. 27 tinder these conditions the velo-
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city of the reaction is directly dependent on the oxalate
ion concentration even when these concentrations are high*
Thia is to be expected if the kinetic reaction is between
Mn++++ lon and c,Oi ion.
The addition of salts, such as A1,(S0 4),, Zn?04 , and
CdS04 , the cations of which form complex oxalate ions, was
round to increase the velocity of the reaction under all
conditions which permitted the formation of moderate amounts
of Mn++ ion in the reaction mixture. This was thought to be
due to the removal of oxalate ion from solution by the forma-
tion of slightly dissociated complex oxalate ions with the
8dded cation. This removal of C a04 ion would simultaneously
resolt in an increase of quadrivalent manganese lon vhlch
rapidly reduces the available oxalate ion. It has been
postulated that the apparent specificity of action of tuese
complex forming cations on the velocity may be due to their
relative stability and the quantity of oxalate ion in mols
removed per mol of added ion.
It has been suggested that the peculiar effect of mag-
nesium sulphate is due to the removal of oxalate ion from the
field of reaction in the form of highly undissociated magnesium
oxalate, MgC a04 .
The role of aanganous ion in tne reaction has been sug-
gested to be variablej its exact effect dependa on Its con-
centration.
The temperature coefficients of the "red" and the "brown"
ISO
reaction were determined between 15° end 25° C and between
25° and 35° C. The temperature coefficient of the "Drown"
react ion. remained constant in these two ranges at 2.95.
The coefficient of the "red" reaction increased from 2.59
between 15° and 25° C to 3.10 between 25° and 35° C. This
is construed as evidence to show that the "red* reaction
probably tends toward the "brown" reaction at higher tempera-
tures because of the thermal dissociation of the SinCCtO^s
ion. It was also thought fro« these data that in the "brown"
reaction we have the nearest approach to the fundamental
kinetic reaction.
A mechanism for the permanganete-oxelate reaction which
Is in accord with the experimental findings has been proposed
and justified.
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